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PREFACE 


T he structural theory of Kckule has been the growth hormone 
of organic chemistry. This theory used the atom and the bond 
as its fundamental concepts. It assumed no knowledge of either the 
(composition of the atom or the nature of the bond. In recent years, 
however, modern theories of atoms and bonds have nearly filled these 
lacunae. 

The deduction of the contents of organic chemistry from first 
principles with the aid of quantum mechanics is a goal to be reached; 
not an actual attainment. A simpler procedure is to incorporate 
G. N. Lewis^ id(cas of atoms and bonds with the classical structural 
theory. The result of this alliance is a structural theory whose 
fundamental concepts are valence electrons and atomic kernels. 
This electronic structural theory, and its application to organic 
chemistry, is the subject matt(‘r of this book. 

We believe that a chemist can attain a fruitful knowledge of elec¬ 
tronic structural thc'ory without the ability to perform quantum 
mechanical cal(;ulations. However, quantum mechanics has con¬ 
tributed greatly to the development of the electronic structural 
theory. We have, theu’efore, included some digressions into quantum 
mechanics—notably in considering such fundamental concepts as 
the shared electron bond and molecular resonance. 

We have attempttid to keep a uniform point of view throughout 
rather than to produce a collection and evaluation of the mass of 
existing theories. This policy necessitates giving our opinions undue 
prominence. Ideas have been ignored on the slight grounds that 
we do not agree with them. Controversial points have been left 
without any decision because we have not reached one. Neverthe¬ 
less we believe our policy to be the correct one in dealing with so 
live a subject. 

The language of the new theories of organic chemistry has not 
had time to become uniform. The same ideas are expressed in dif¬ 
ferent words by different authorities. C. K. Ingold, whose contribu¬ 
tions to electronic structural theory are second to none, has developed 
a language to express his ideas. We have given scant recognition 
to this language, and have even taken certain liberties with it. 
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PREFACE 


Actually we are in very close agreement with Professor Ingold’s 
theories. 

In the course of the preparation of the manuscript, we have had 
occasion to refer frequently to a number of very useful existing texts, 
chief among which are Gilman’s Organic Chemistry, Watson’s 
Modern Theories of Organic Chemistry, Pauling’s The Nature of the 
Chemical Bond, and Freudenberg’s Stereochemie. Special thanks 
are due to Professor Pauling for the original of Figure 9. 

It is indeed a pleasure to acknowledge the co-operation of our 
colleagues. Professor Gilbert N. Lewis, Professor K. S. Pitzer, Dr. 
R. S. Halford, and Dr. David Lipkin, in the reading and discussion 
of manuscript and proof; and of Mrs. Gerald Branch, to whose pa¬ 
tience and understanding this book owes its existence. 

G. E. K. B. 
M. C. 
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Chapter I 

THE DEVELOPMENT OF STRUCTURAL CHEMISTRY 

1. VALENCE 

A molecular formula of a substance is obtained from its molecular 
weight and a determination of the proportions of the elements present. 
It is found that compounds corresponding to all conceivable em¬ 
pirical formulas cannot be prepared. This restriction is explained 
by assuming that only a certain integral number of combinations is 
possible for each kind of atom. The number of combinations of an 
atom in a molecule is calkid its valence in that molecule. Valences 
are associated not only with atoms but also with elements. A valence 
is assigned to an eleintait when it is found that the atoms of that 
element are often found with the given valence. An element may 
[)e found to have a single valence or a limited set of valences. This 
number or set of numbers associated with an element is a valence 
rule. The valence rules for a set of elements restrict the preparable 
compounds of these elements to those with molecular formulas in 
which the valence rules are obeyed. 

The valence rules recognize that on heating to a sufficiently high 
temperature all compounds eventually dissociate and that in the 
resulting fragments anomalous valences must exist. The rules are 
applicable only to compounds that can be obtained at ordinary tem¬ 
peratures and concentrations. Further, an attempt is made to dis¬ 
tinguish between chemical and physical cohesion, only the former 
being subject to valence rules. Thus in liquid hydrogen there must 
be many atoms combined to each atom, but only one of these com¬ 
binations is sufficiently strong to be considered as chemical and 
resulting from the valence. Further, we find occasional exceptions 
to valence rules unless they are made so broad as to be useless. 
Thus in nitric oxide the nitrogen is divalent, but as this valence is 
so rare for nitrogen atoms, two is not included among the valences 
of nitrogen, and nitric oxide is considered as an exceptional compound. 

It is not feasible to identify the valence of an atom in a compound 
with the number of other atoms with which it is combined, for an 
atom may combine with another by more than one valence. Thus 

1 
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in classical valence theory the nitrogen atoms in nitrogen gas are not 
monovalent but trivalent. It is therefore necessary to assume a 
valence for some element before assigning valences to others. The 
classical assumption is that hydrogen atoms are always monovalent. 
The valence of an atom, in a compound containing only this atom 
and hydrogen atoms, is then the number of hydrogen atoms in the 
hydride. Similarly, if an atom replaces hydrogen from a compound, 
the valence of the atom in tlu^ resulting compound is the number of 
hydrogen atoms n'plaeed. When in this way the valence of an 
clement is establislu'd, combination with one atom of this element 
is taken as equivalent to combination with a number of hydrogen 
atoms equal to the determined valence. The classical valence of an 
atom in a com]K)und may be defined as the number of hydrogen- 
equivalents with which it is combined. 

A valence of an atom is a dc^scription of its state of combination 
by integral numbers. The classical valence is not the only method 
of doing this, and other types of valence have been developed. 
These newer valences generally imply somc^ theory of the nature of 
chemical combination. For instance, N. V. Sidgwick^ divides chemi¬ 
cal combination into two main classes: that resulting from the sharing 
of a pair of electrons, and that from the attraction of oppositely 
charged atoms. The number of the former combinations he calls 
the covalence; the number and sign of the charge on an atom he calls 
the electrovalence. These two numbers together form the valence. 
If one ignores the sign of the electro valence, the sum of tluise numbers 
is equal to the classical valence. Sidgwick makes a further sub¬ 
division of covalence into ordinary covalence and co-ordination co¬ 
valence. An ordinary covalence arises from a sharing of two elec* 
trons, one from each atom. After this process has led to an 
electrically neutral saturated atom, further covalences may result 
from shared electron pairs in which both electrons are supplied by 
one of the atoms. These are called co-ordination covalences. 
Although these and other modem concepts are advances beyond 
the older concept, structural theory was developed from the stage 
of valence theory given in our definition in the preceding paragraph. 
Classical structural theory is therefore independent of any assump¬ 
tion of the nature of chemical combination other than that the 
state of combination can be described by integral numbers, and 


' Sidgwick, N. V., Electronic Theory of Valency. Oxford University Press, 
1927. 
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that elements arc associated with certain of these integral numbers, 
as single values or sets of values. 

In very simple compounds the molecular formulas directly show t 
classical valences of the atoms, but in complicated compounds this 
is not so; for instance, the vakuice of carbon in CH4 is obviously four, 
but we cannot say that in C2H2, C2H4, and C.iHe the carbon atoms 
are mono-, di-, and trivalent, respectively. This process would lead 
to fractional valences in CsHg, C4H10 , etc. Howevc^r, the com¬ 
pounds of carbon and hydrogen are restricted to those whose em¬ 
pirical formulas have the general form C„H2«+2-2u ; in wliich n may 
be any positive integer and u is z(iro or a positive integer. Further, 
u must be zero when n = 1. This restriction is exactly what would 
be obtained if the only valence permitted to carbon were four, and 
the only valence permitted to hydrogen were one, provided w(^ 
allowed a carbon atom to satisfy one, two, or three valences of 
another carbon atom. The term 2u in the number of hydrogen 
atoms is the numbc'.r of carbon valences satisfied by carbon in excess 
of the number necessary to combine n carbons with each other. 

One may find similar general formulas for carbon compounds in¬ 
cluding other elements. The compounds of carbon, oxygen, and 
hydrogen can be expressed by the general molecular formula 
CnH2n-f2~2wOm . Tliis corresf)onds to the valences four, one, and two 
for carbon, hydrogcui, and oxygen respectively. The term 2u is the 
excess of carbon and oxygen valences that satisfy one another over 
that necessary to hold n carbon and m oxygen atoms together. 
Carbon monoxide is an exception to this rule; either the valence of 
carbon is two or that of oxygen is four in this compound. Similar 
general molecular formulas can be developed for all types of com¬ 
pounds. Where an element may have more than one valence, the 
number of atoms of this element must be expressed as the sum of 
two or more numbers, each of which gives the number of atoms of 
the element in one of its permitted states. Thus nitrogen has a 
valence of either three or five. In a general formula of compounds 
containing nitrogen, the number of nitrogen atoms can be expressed 
as i! + Z' when there are I trivalent and V pentavalent nitrogen atoms. 
The general formula for substances containing carbon, oxygen, nitro¬ 
gen, and hydrogen is CnH2n4-i+3Z'+2-2uO^Nz+r . The general rule for 
these formulas can be expressed as 2 — 2w + 2) =0, 

all 

atoms 

where V is the valence of an atom, and u is zero or an integer. The 
value of u is the excess of bonds between polywalent atoms over th^ 
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minimum number needed to hold them together. There is therefore 
always an upper limit set to Uy which is determined by the number of 
polyvalent atoms and their valences. If we define c hemical com¬ 
pounds so as to exclude unsaturated fragments dissociated at high 
temperatures, and weak associations of molecules held together by 
physical rather than by chemical forces, the niolecuhir formulas of 
the great majority of them can be made to conform to the above 
general rule by assuming a limited number of valences possible to 
each element. The most limited collection of these valences is the set 
of valence rules. If ions are included among the compounds, each unit 
of charge must be assigned a valence of one, and these valence's must 
be included in the summation of (V — 2). The valence rules can 
therefore be deduced from the molecular formulas of both simple and 
(Complex comj3ounds without a knowledge of the structural formulas 
of the compounds. The valence theory is independent of the struc¬ 
ture theory, and the former can be used to develoi) the latter. 

If, in the collection of atoms represented by the moleculaj* formula 
of a compound, we represent the atoms by their symbols and a num¬ 
ber of lines equal to the valence of the element, or equal to one of its 
valences if it has more than one, we may join the symbols by tlu^ 
lines and obtain a structure in which no unconne(*tod lines arc left. 
If this cannot be done, then an atom in the (compound has a valence 
that we have not included in our valence rules. Actually we find 
that, if we restrict our compounds to those that can be obtained at 
ordinary temperatures and concentrations, we can put the atoms 
together without leaving any unconnected lines in most cases, with 
the assumption of very few valences for the individual elements. 

Formulas obtained in this way are known as structural formulas 
and were invented by A. Kekule.^ Generally for any given mo¬ 
lecular formula we can devise many structural formulas, but for a 
few of the simpler compounds only one structural formula can be 
constructed without leaving* unconnected lines or using unusual 
valences. Examples are 



* Kekule, A., Ann., 106 , 164 (1858). 
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C^H* 



/H H H\ 

/ \ I / \ 

CaHg H-C—C—C-H , 

V i v 

H 


CH4O I H—C—O—H 
H 


If we allow oxygen to be tetravalent as well as divalent CH 4 O 
might be 


H H 

w. 



The structural formulas of some substances are therefore determined 
l)y the valence rules alone. The structures of other substances are 
obtained from their relationships in properties, or through prepara¬ 
tion, to the compounds whose structures are uniquely given by the 
valence rules. Thus ethyl alcohol has the molecular formula C2H6O; 
the valence rules allow either 


H H H H 

\ I \ / 

H—C- C—O—H or H—C—O—C—H. 

/I / \ 

H H H H 


The former is chosen on account of the relationship of ethyl alcohol 
to methyl alcohol, for which the valence rules determine the formula 

H 

H—C—O—H 

/ 

H 


and its preparation from ethane, for which the valence rules deter¬ 
mine the formula 


H H 
H—G—i—] 

/ I 

H H 


H. 
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This process of obtaining structural formulas for compounds from 
those of simpler substances has been carried on from compound to 
compound until the structures of compounds containing over a hun¬ 
dred atoms are known. Although, as we have seen, the valence 
rules are not absolute laws and, as we shall see, the classical proofs 
of structure are clues, not proofs, there is little doubt that the 
formulas obtained arc correct in most cases. 

2. STRUCTURAL ISOMERISM 

It is only for a few mohn-iilar formulas that the valence rules give 
a unique structural formula. When more than one structural for¬ 
mula can correspond to an molecular formula the theory requires 
that there shall be as many distinct compounds as there are structural 
formulas, and that the distinctions between the compounds shall not 
be restricted to the solid state but shall persist in liquid and vapor 
phases. The phenomenon of the existence of more than one com¬ 
pound in a liquid or gaseous state having a given molecular formula 
is common in organic chemistry. It is called isomerism, and when 
attributed to structural difference it can be called structural 
isomerism. 

Structural isomers may have very similar or quite different chemi¬ 
cal properties. These two cases are called virtual and functional 
isomers. Since ^'very similar*' and “quite different" differ only in 
degree, the distinction between virtual and functional isomerism is 
not clear-cut and this classification is not very useful. 

It is possible to have more isomerb coT rebi)onding to a single mo¬ 
lecular formula than are ])ermitted by the valence rules. It is also 
sometimes found that there is strong evidence that isomers have the 
same structural formula. Isomerism is therefore not restricted to 
structural isomerism, and structural theory is only a partial explana¬ 
tion of the phenomenon of isomerism. 

3. THE PERSISTENCE OF STRUCTURE 

Generally when an organic compound reacts, most of the bonds 
between the atoms are unaffected. Great use is made of this prin¬ 
ciple in devising methods of preparing compounds having desired 
structural formulas. We select reagents that together contain the 
parts of the desired structure, and from which the desired structure 
could be obtained by breaking a few bonds and rebonding the parts 
at the points of fission. Thus, if we wish to make 

O 

II 


CHaCHsCHs—O—C—CH,, 
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O 

we might start with CH3CH2CH2—0—H and HO—C—CH3, for, 
were the bond between oxygen and hydrogen in CH3CH2CH2—O—H 
and that between OH and C =0 in 

O 

11 

HO—C—CHs 

broken, the parts would be reunited to form 

O 


CH3CH2CH2—O—C—CH3. 

The principle does not give a unique choice of reagents nor a guar¬ 
antee of success. Thus in the above problem we might equally well 
have cliosen 

O 


CH3CH3 and CHa—O—C—CHs 
in the hope of getting 

O 


H—H and CH3CH2—CH2—O—C—CHs, 

and have found our efforts futile. Gradually acquired experience has 
taught us how to make selections that have a fair chance of success. 

The principle that few bonds are broken in organic reactions is the 
mainstay in obtaining the structural formulas of organic compounds. 
It is used in both an analytic and a synthetic way. For instance, 
in the above example if we knew the compound, propyl acetate, but 
not its structure, and found that it reacted with hydroxide ion 
according to the equation 

O 

II 

CsHioO* + OH- ->• CHsCHsCHs—OH + "O—C—CH,, 

and knew the structural formulas of the products, we would assume 
that C 6 H 10 O 2 contains the structures 

O 

11 


C_C—C and C—C. 



8 DEVELOPMENT OF STRUCTURAL CHEMISTRY [CJh. I, §3) 


Wc could not place the other oxygon atom, nor the hydrogen atoms, 

O 

II 

nor the point at which C—C—C and C—C are joined, for we do not 
know where the hydrogen atom of the hydroxide ion went. Therc^ 
are five positions for this hydrogen, and we have reduced the number 
of possible structural formulas for CbHio 02 to five. This method of 
breaking down the compound of unknown structure to smaller mole¬ 
cules of known structure is known as tlie analytic; method. 

The synthetic method consists of building up the compound of 
unknown structure from simple compounds of known structure. 
Thus if we find the reaction 

C 

i! 

CHjCHi-CHj—OH + H—O—C—CH„ -> H—O—H + CsH.oOi, 
we assume that CbHio 02 contains the structures 

O 

II 

C—C—C + C—('. 

Again the solution is not unique, but the possible structures arc' 
greatly reduced. The final solution for the; structure of a compound 
is obtained only when we have a great deal of analytic and synthetic* 
evidence, as well as evidence from the properties of the compound. 

Whether synthetic or analytic methods are first used depends on 
the history of the compound. If the compound is prepared from 
substances of known structure, it is born with synthetic evidence of 
its structure. If the substance is obtained from natural sources, 
analytic evidence of its structure is first obtained, as with no clue to 
its structure the chance of its synthesis is practically nil. 

The assumption used in these determinations of structure is that 
the minimum structural change consonant with the empirical change 
occurs in a reaction. This assumption is not always valid. We use 
too strong a language when we speak of the proof of a structure. A 
structural formula is a working hypothesis. Generally we find that 
we obtain a large mass of evidence for a structural formula, and its 
validity is based on the volume of evidence rather than on any single 
clue. Experience teaches us that certain types of clues are unsound. 
For instance, if azobenzene, whose structure is 

N-N-<( ^, 
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reduced in acid solution, benzidine is obtained, by the reaction 
Ci 2 HioN 2 + H 2 —> C 12 H 12 N 2 . This is evidence that benzidine has 
the structure CeHfiNHNHCeHs or CeHyN^^NCeHs. But the mass of 
evidence shows that benzidine is 

XH 2 --<( )> - )>- -NH2. 

However, we know from experience that reducing azo compounds in 
acid solution is a type of reaction that nearly always gives a mis¬ 
leading clue. So much so indeed that a substance obtained by acid 
reduction of a relative of azob(mzene would be assumed to be a 
diphenyl compound. 

The existence of isomers and the usually small changes of structure 
accompanying reactions show that a bond offers a strong njsistance 
to change. It is assumed that a great deal of energy is necessary to 
bring bondc^d atoms into a condition that allows a new distribution 
of bonds among the atoms. This energy is called th(i heat of activa¬ 
tion for the reaction. This energy is only rarely accpiired by a 
molecule or combining pair of molecules, and even then it is necessary 
that otlua* (conditions become favorable bcifore this energy is lost if a 
reaction is to occur. The life of a thermodynamically unstable isomer 
may therefore be very considerable. Further, it is very unlikely that 
sufficient energy will be reciuired to allow changes in several bonds to 
occur. In consequence the probability of isom(3rism and of reaction 
involving only a few bonds de))ends on high energies being necessary 
for a readjustmcmt of structure. High energies are especially associ¬ 
ated with the readjustmccnt of carbon bonds; consequently these phe¬ 
nomena are more common, and structural formulas more useful and 
more easily obtained for compounds of carbon than for those of other 
elements. It is this same factor that results in the large number and 
complexity of organic compounds. 

The chance of acquiring a heat of activation increases with the 
temperature. The chance of a molecule isomerizing or of a pair of 
molecules, having met, reacting is given by the equation C = 
where C is the chance, E is the heat of activation, T is the absolute 
temperature, a is constant for the reaction, and e and R are uni¬ 
versal constants, the base of natural logarithms and the gas constant, 
respectively. As the temperature increases, the chances of reactions 
involving high heats of activation increase more rapidly than those 
with small heats of activation. The probability of getting complex 
changes instead of simple ones increases. Consequently the value of 
structural formulas, and the validity of the methods of obtaining 
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them, diminish with increasing temperature. Structural theory is 
most useful when dealing with slowly reacting compounds at mod¬ 
erate temperatures. 

Among organic compounds we find certain structures that are 
particularly resistant to change. Even before the invention of struc¬ 
tural formulas by Kekule, it had been observed that certain aggre¬ 
gates of atoms persisted through long series of reactions. They were 
called radicals. Although only empirical formulas were used, it was 
recognized that radicals could be different even though they had the 
same empirical formulas. That is, isomerism occurs in radicals as 
well as in compounds. The principles that we have discussed in this 
section could be formulated in the radical theory nearly as well as 
they are in structural theory. 

4. STRUCTURAL ANALOGY 

Relationships in the structural formulas of compounds correspond 
to relationships in the behavior of the compounds represented. 
When the structural formulas of a set of compounds have a part in 
common, and if one of the compounds undergoes a reaction which 
involves a change in the common group, we expect by analogy that 
the other compounds will react in the same way. This assumption 
proves to be valid in so many instances that the method is exceed¬ 
ingly valuable. When a reactive group is common to a set of com¬ 
pounds, the members of this set form a class, characterized by great 
similarity in chemical behavior. The reactions that are common to 
the class are known as its general reactions. 

A molecule may contain more than one reactive group and there¬ 
fore may belong to more than one class of substance. When the 
groups are widely separated in the structural formula, the substance 
combines in itself the behavior characteristic of the different classes. 
However, it is often found that when the groups are near together 
in the structural formula, the substance behaves in a way that is 
markedly different from that expected from the presence of the indi¬ 
vidual groups. The groups may then be combined into a single 
structural unit that characterizes a new class of substance, com¬ 
pounds having this structure reacting in very similar ways and consti- 

O 

tuting a class of their own. For instance, HOCH 2 CH 2 CH 2 CCH 8 
has the —C—O—H and (>==0 structures that characterize the 
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alcohols and ketones. Its chemistry is a combination of those of the 


alcohols and the ketones. 


O 


But CHaC 


/ 

X 


OH 


behaves in a way that 


distinguishes it from both alcohols and ketones. Further, the proper¬ 
ties of this and all other compounds whose structural formulas con- 
O 

tain the group C are so alike that they form a natural class 

^OH 

called the carboxylic acids. 

Analogy is used not only to predict the properties of a compound 
of known structure, but also in the determination of the structure of 
a compound from its properties. The general reactions of a class 
can be used as tests for the structural group that characterizes the 
class. 

A general reaction is defined in terms of structure. Thus the 
hydrolysis of a carboxylic ester is defined by the equation 


0 


0 


\ 

/ 


ii 

C—O—C— + H—OH 


\ II 

—0—O—H + H—O—C—, 


with restrictions placed on the groups or atoms to which the free bonds 
are attached. When a reaction is used as a test for a group in a com¬ 
pound of unknown structure, it is recognized by the empirical change 
and the nature of the products formed. Thus for a compound of 
unknown structure, the hydrolysis of an ester and hence the group 
O 

\ II 

—C—O—C— is recognized by the em*pirical reaction XFC 2 O 2 + 

H 2 O XCOH 4* FCO 2 H, and the formation of an alcohol and an 
acid. Often a general reaction is used as a test for a group in a less 
rigorous way, it being taken that some observable change that usually 
accompanies the reaction is sufficient for recognition. Thus phenolic 
and enolic structures are often assumed from the colors developed on 
treatment with ferric chloride. These shortcuts are recognitions of 
general reactions from a single product or type of product. 

The equilibria, heats, and rates of the individual reactions that 
constitute a general reaction are not identical. In some instances 
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the variations are siifTieiently great that a general I’eaetion of a elass 
may not occur with every nKunbcr. The chemical reactions of a 
compound are not exactly predictable by analogy from those of 
structurally related compounds; nor can any reaction be an absolute 
test for a structural group. 

Other analogies besides that based on the presence of structurally 
identical groups in different compounds have been found useful. If 
a group can be derived from another by interposition of —C=C—. 
or a conjugate system of doubly bonded carbon atoms, e.g., 

—c=c— 

between parts of the primary group, the reactions of the derived 
group are often very similar to those of the primary group. Thus 
the group H—0—C=C—C=0 can be derived fi*om the group 
0 O 

II II 

C—OH by the interposition of C=C between C and OH; the 
reactions of compounds containing the group H—O—C=C^—C=0 
are markedly similar to those of the carboxylic acids. This prinenph' 
was formulated by R. C. Fuson^ and called vinylogy (derived from 
analogy and vinyl, the name of the group CH=CH2). 

We also find that when two organic compounds are structurally 
similarly related to two simple inorganic compounds containing 
different elements, the similarities and differences of the inorganics 
compounds are reflected in the organic compounds. Thus the rela¬ 
tionship between the chemistry of water and hydrogen sulfide are 
repeated in the alcohols and mercaptans. The striking way in which 
the analogies in the chemistry of water and ammonia are repeated 
in organic compounds and the value of recognizing these analogies 
have been shown very well by E. C. Franklin in his book The Nitrogen 
System of Compounds,* 

6. STRUCTURAL ITERATION 

Starting with any structure, a second structure can be derived by a 
describable change. Often by this same change a third structure can 
be obtained from the second, a fourth from the third, etc. In this 
way we get a series of structures in which the members can be 
denoted by ordinal numbers. When a quantitatively expressible 

* Fuson, R. C., Chem, Rev.j 16, 1 (1936). 

* Am. Chem. Soc. Monograph Series. Reinhold Publishing Corp., New 
York, 1935. 
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property of the compounds corresponding to such a series of struc¬ 
tures is plotted against the numbers that denote the members of the 
series, the curve obtained is often sufliciently regular to allow inter- 
and extrapolation. In this way some of the properties of a substance 
may be predicted from its structural formula. 

The above relationship between structures has not been named; 
it may be called structural iteration. Structural homology is a 
special case of this relationship, and structural homologous series of a 
certain type often show a fairly regular gradation in many properties 
of the corresponding compounds. As Senior^ has shown, homology 
requires that the molecular formulas of the homologues differ by a 
multiple of some complex of atoms, and a structural homologous 
series may be exactly defined in terms of this complex, a starting 
point, and fixed rules for the interpolation of the complex or multiple 
of the complex into the structure of the first member. The most 
important homologous series are those in which the complex is CH 2 
and in which it is inserted as CH 2 or a chain of CH 2 ^s by breaking 
one bond of the first member. In such cases the first member is 
anomalous if the interpolation changes the class of compound. The 
series of CH3OH, CH3CH2OH, CH3CH2CH2OH ... is an example of 
a useful homologous series. The methylenes are interpolated as a 
chain by breaking the bond between CH3 and OH, and all members 
are primary alcohols. When the boiling points of this series are 
plotted against the number of carbon atoms, a straight line is ob¬ 
tained. The line may be represented by the equation ^ = 43 + 19n, 
where t is the boiling point and n the number of carbon atoms, and 
fits the boiling points of the first ten members closer than 3°C. 

Properties that depend on crystalline forces such as melting points 
and solubilities often show a marked difference between the odd and 
even members of a homologous series. 

Useful structural iterations other than those found in homologous 
series are also known. Thus the dissociation constants of the acids 
CH3CH2CH2CHCICOOH, CH3CH2CHCICH2COOH, CH3CHCICH2- 
CH2COOH, and CH2CICH2CH2CH2COOH give a smooth curve 
when plotted against the numerically expressed position of the 
chlorine atom. 

The use of structural iteration to predict the properties of a com¬ 
pound is a variant of reasoning by analogy. Instead of assuming a 
similarity in properties from a similarity in structure, one assumes 

® Senior, J. K., /. Org, Chem,y 8, 1 (1938). 
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a similarity in change of properties from a similarity in (change of 
structure. There are other similar methods of obtaining change in 
properties from structural analogies. Thus when two substances 
have a group and an associated property in common, a plot of the 
changes in the j^roperty produced in one compound by a set of 
structural changes against the changes in the property produced in 
the other compound by the same set of structural changes is often a 
simple curve, and t he one set of (‘hanges can be expressed as a simple 
function of the otlna*. For instance, th(‘ cliangc in the logarithm of 
the dissociation constant of benzoic acid by mc'ta and ])ara substitu¬ 
tions is a liiK^ar furu'tion of the changes in tlui logarithm of the disso¬ 
ciation constant j^roduced by similar substitutions in ])h('nylboi’ic 
acid (see Figure 37, Chapter \T). Again a plot of one property of a 
class of substances against another property of the same class is 
often a simple curve. Thus Table 44, Chapter IX, shows that th(' 
logarithm of the rate constant of the acid decomposition of diazo- 
acetic ester is a linear function of the logarithms of the dissociation 
constants of the acids used. One may also have a simple functional 
relationship due to the combination of thesc‘ two r(4ationships. Thus 
the quarternization rate of a set of mc'thyl esters is reflated to the 
dissociation constants of the corresponding acids (Tables 47, Chapter' 
IX), and a plot of one of these quantities against the other would 
permit interpolation. 

These methods can be used only to predic t the properties of sub¬ 
stances when it has been empirically established that there is a rela¬ 
tionship and that the structural changes are not beyond the range 
in which the relationship holds. 

6. TAUTOMERISM 

Not infrequently evidence is obtained that points to two different 
structural formulas for what is apparently a single substance. In 
some of these cases it soon becomes apparent that the evidence for one 
of the structures is false, being due to a structural rearrangement 
that occurs in some step of the synthesis. However, in other cases 
the evidence for both structures is considerable and varied. The 
phenomenon is then called tautomerism. In an ideal case of tauto- 
merism, two series of syntheses expected to give the structural 
changes ^2 As and 5i ^2 —> Bz give the structural changes 
Ai As 

X in which the structure, X, is unknown. The substance X 

Z' \ 

Bi Bs 
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shows the class reactions of both A 2 and H 2 . Its physical properties 
are intermediate between those expected oi A 2 and those expected 
of B 2 . In practice we do not need as complete evidence as the above 
to recognize tautomer ism. 

Laar^ assumed that in tautomerism there is a failure of the hypothe¬ 
sis that for each pn^j)ara[)le compound a single structure is possible, 
])ut that diffenuit- structures coalesce to a single compound. The 
phenomenon is more easily explainc^d as due to an unusually low 
energy barrier separating two isomers. 

The tautomeric substance, which we called X above, is an ecpii- 
libriuin mixture of the expected compounds A 2 and ft. In a great 
many instances this has been proved by the isolation of the isomers, 
which are found to go readily to an equilibrium mixture. The 
classical example is that of ethyl acetoacetate. Two substances both 
different from thc^ original ethyl acetoacetate are obtainable. When 
allowed to stand, ea(;h acquirers the properties of the original 
substance. 

Tautomeric (‘quilibrium is not restricted to two components; it 
may exist betw('(‘n several. Oik* form may be predominant, or two 
or more may exist in ai)proximately equal proportions. The usual 
la vs of equilibrium are obeyed, the proportions varying wuth tem¬ 
perature and solvent. A reagent that reacts with one tautomer only 
eventually combines with the whole substance, for as the active com¬ 
ponent is removed it is re-formed by the tautomeric equilibrium, and 
hence the amount of a derivative of one of the tautomers obtained 
in a reaction is not necessarily a measure of the proportion of that 
tautomer in the mixture. When a reagent reacts faster with one 
component than the tautomeric change, the reaction can be used to 
determine the concentration of that component. Thus K. H. Meyer^ 
found that the enol in a keto-enol tautomeric mixture can be titrated 
with bromine. 

The structure of tautomeric substances generally includes fea¬ 
tures that are associated with rapid reactions. Thus the hydrogen 
atom attached to an atom next to a pair of doubly bonded atoms is 
usually reactive. Consequently substances with the type structure 
H— a — h—c often are tautomeric, the other isomer being a==5— c —H. 
Again amines and acids rapidly react to give salts, and all amino 
acids are tautomeric with an inner salt form 

(e.g., NH2CH2COOH NH8CH2CO2). 

« Laar, Ber., 18, 648 (1885); 19, 730 (1886). 

^ Meyer, K. H., Ber., 44, 2718 (1911); 46, 2843 (1912). 
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7. STEREOISOMERISM 

Isomeric compounds sometimes have the same structural formula. 
This phenomenon may be due to a lack of equivalence in the valences 
of an atom or to the possibility of having more than one spatial 
configuration of the atoms corresponding to a single structural for¬ 
mula. In the latt(ir case the phenomenon is known as stereoisom¬ 
erism. To ha\^e stereoisomerism it is necessary not only to have 
spatial relationships among the atoms of a molecule, but also that 
these configurations be fixed within certain limits. Without some 
fixation of the atoms, the various configurations would be constantly 
changing into each other and no isomers would exist, while no freedom 
of motion would result in an infinite number of isomers. 

The differences in the properties of stereoisomers may be similar 
to those of virtual structural isomers, i.e. structural isomers having 
the same functional group, or they may be a very special kind quite 
unlike anything found in structural isomerism. This special type 
of stereoisomerism is known as optical isomerism or enantiomorphism. 
Optical isomers appear in pairs. The substances can rotate the plane 
of polarized light without the aid of any imposed force field, such as a 
magnetic field or the force fields resulting from crystallization. A 
pair of optical isomers are identical with respect to the usual proper¬ 
ties such as melting point, boiling point, etc. They react in identical 
ways with reagents that cannot rotate the plane of polarized light. 
But one optical isomer rotates the plane of polarized light clockwise 
and the other counter-clockwise, but by the same number of degrees, 
when other conditions are equal. Also, a pair of optical isomers do 
not react identically with a reagent that can itself rotate the plane 
of polarized light. This reagent may be a reactant or a catalyst. 
The difference between optical isomers is exactly what would bo 
expected if the molecules were spatially asymmetric. The molecule 
of one isomer would then be the mirror image of that of the other. 

In optical isomerism we are always quite certain that we are not 
dealing with a case of lack of equivalence of valences, or that a mis¬ 
take has been made in assuming the isomers to have the same struc¬ 
tural formula. It also can be used to check an assumption of stereo¬ 
isomerism other than optical isomerism. For instance, the isomerism 
of compounds of the type 
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is not directly distinguishable from structural isomerism, or a differ¬ 
ence in the nature of some bond. However, the theory that makes it 
a stereoisomerism is confirmed by the fact that compounds of the type 

a a 

'^c=c=c^ 

./ \ 


show optical isomerism. The shared edge of a tetrahedron represent¬ 
ing the double bond and its concomitant geometrical isomerism, 
though not leading to a uniquely interpretable result in the case of 


C=C , 

5/ \ 


does do so in the case of 


a a' 

'^c—c—c 

/ \ 


since here the planes 



and 


a' 



must be mutually perpendicular. The resulting molecule is asym¬ 
metric and the isomers differ only in the special way characteristic of 
enantiomorphs. 

From a study of the types of structural formulas that correspond 
to more than one compound, it is possible to induce for the various 
elements the equivalence or lack of equivalence of bonds, the con¬ 
figurations assumed by atoms bonded to a central atom, and the 
rules that govern the persistence and lability of these configurations. 

The number of non-structural isomers corresponding to a com¬ 
pound can be expressed almost exactly as the number of non-trans- 
formable models that can be obtained by using certain rules of 
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construction and transformation. Those rules for carbon are as 
follows: 

The carbon atom has four equivalent bonds radiatiiif^; from the 
center of a tetrahedron to its corners. A singly bonded atom is 
situated at a (corner of the tetrahedron, a doubly bonded one along 
an edge, and a triply bonded one at a fac(\ A singly bondc^d atom 
rotates freely about the axis joining it to tlie C(mt(n’ of the tetra¬ 
hedron. A doubly bonded atom is not frcM^ to rotate about the line 
joining the centers of the bonded atoms, there b(nng two stable fix(‘d 
configurations. Atoms bonded to the carbon atom are not free to 
exchange positions. The tetrahedra do not flatten so as to allow the 
corners to lie in a single plane. In a cyclic structure the atoms of 
the ring can assume a coplanar configuration in certain cases. 

For each element a set of rules is required. In this way various 
shapes can be obtained for th(^ atoms of elements, e.g., octaluxlra, 
squares, triangles, etc. Modern and nsore direct methods of ob¬ 
taining the shapes of the atoms have in general confirmed the findings 
of stereoisomerism. They are discussed in Chapter V. 

A study of the non-structural isomerism of nitrogen has shown that 
valences are not necessarily all of the same kind. Pentavalent nitro¬ 
gen is found to have four equivalent valences giving a tetrahedral 
figure. The fifth valence is dilferent, and the attached atom is nof» 
sufficiently fixed in any position by this valence In permit its (con¬ 
tributing to isomerism. We now think of the four equivalent va¬ 
lences as similar to the four bonds of carbon, and the fifth as a positive 
charge on the nitrogen atom capable of attracting a negative charge 
equally in all directions. 

There is a contradiction in the stereochemistry of trivalent nitro¬ 
gen. In the saturated compounds no stereoisomerism is found. 
This corresponds to a flat at om, the nitrogen and the attached atoms 
being coplanar. On the other hand, geometric isomerism is found 
in doubly bonded nitrogen compounds, both when the other atom is 
carbon, as in oximes, and when it is nitrogen, as in azo compounds. 
This corresponds to a junction of two tetrahedra by an edge, with 
an unoccupied corner in a nitrogen tetrahedron. This isomerism 
degenerates to optical isomerism in compounds of the type 

a H2 H2 
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and so appears to be a true stereoisomerism. It appears that tiri- 
valent nitrogen atoms are pyramidal, but that the energy necessary 
to produce a coplanar structure is not sufficient to allow isomers to 
b(^ isolated unless two of the nitrogen valences are satisfied by a 
double bond. 

Some exceptions to the rules of stereoisomerism of carbon have 
been observed. Thus diphenyl compounds of the type 


a a 



generally exist as optical isomers. This can be explained as an ex¬ 
ception to the rule of free rotation about a single bond. The rota¬ 
tion about the single bond joining the rings is prevented so as to 
prohibit the coplanar arrangements of the rings. Unless the rings 
are coplanar, the molecule is asymmetric and can exist in two forms. 
This mcians that we cannot in general assume rotation about a single 
bond to be absolutely free. If we plot the potential energy of the 
molecnile against the angle of rotation about a bond for absolutely 
free rotation, a horizontal line would be obtained. A (mrve with a 
single minimum in 360® would represent a favored configuration, but 
would not correspond to isomca-ism. Isomerism would be repre¬ 
sented by a curve with more than one minimum. However, if the 
energy barriers between these minima are small, the isomerism would 
be theoretical as the individual isomers could not be isolated. The 
facts that led to the rule of free rotation about a single bond show 
that, if there is more than one energy minimum, the energy barrier 
is generally small. Modern methods of investigating the configura¬ 
tion of molecules have shown that absolutely free rotation is an ideal 
that is never achieved. The present views of the optical isomerism 
of the diphenyl compounds are that it is due to a high energy barrier 
being encountered when both rings are brought into the same plane 
during rotation. The high energy barrier is attributed to the re¬ 
pulsion between the substituent groups when they come close 
together. 

Although classical isomerism implies the isolation of the isomers, 
it is possible to observe isomerism even when one isomer changes so 
rapidly into another that isolation is impovssible. To do this it is 
necessary to be able to predict some property of the isomeric sub¬ 
stances accurately or to be able to recognize an isomer by a special 
property. A measurement of this property in the mixture then 
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enables us to show the existence of isomerism. Thus the molecular 
refractivity of structural isomers can be calculated, and from a 
measurement of the molecular refractivity of a tautomeric mixture, 
the proportions of the isomers may be calculated. The molecular 
refractivity has not been used to show the existence of stereoisomers, 
since the difference in refractivity between isomers cannot, as yet, 
be calculated. However, spectral analysis may be used. The iso¬ 
mers have different absorption bands. A change in temperature 
alters the proportions of the two isomers, and one band increases in 
intensity at the expense of the other with change of t emperature. In 
this way one recognizes the bands as special properties of the two 
substances, and even if one cannot definitely know which band be¬ 
longs to which substance, one knows that more than one substance 
is present. The method does not distinguish between structural and 
stereoisomerism, and is not applicable to optical isomers; but when 
isomerism has been shown in this way in a ease where structural 
differences are unlikely, it may be ascribed to stereoisomerism. 

Recent advances in the study of spatial configuration of the mole¬ 
cules have not confirmed the methods of stereoisomerism in the case 
of cyclic compounds derived from (CH 2 )n where n is greater than 
five. The older method gave a coplanar structure for the atoms 
belonging to the rings, the tetrahedral angles of the bonds being suffi¬ 
ciently expanded. Modern methods show a puckering of these rings 
to allow a close approximation to tetrahedral bond angles.® The 
lack of isolated isomers depending on the position of puckering 
implies that the energy difference between the flat and the puckered 
ring is not great. An energy barrier of five thousand calories per 
mole is generally insufficient to allow the actual separation of isomers. 

8. THE CONSTANCY OF VALENCE 

The structural formula has been and still is the most useful concept 
in organic chemistry. Nevertheless, in obtaining a structural formula 
and in making use of one when obtained, we assume the persistence 
of radicals that do not always persist, the similar behavior of func¬ 
tional groups that do not behave exactly alike, and valence rules for 
elements that do not always obey the rules. The most criticized of 
these inexact assumptions is the constancy of the valence of elements. 
Were this assumption discarded, a dim ghost of a structural theory 

« Sachse, H., Ber., 23 , 1363 (1890); Z. phj/stk. Chem,, 10 , 203 (1892); Mohr, A., 
J. prakL Chem., [2] 98 , 349 (1918); 108 , 316 (1922). 



[Ch. 1, §8] DEVELOPMENT OF STRUCTURAL CHEMISTRY 21 


would be left. Relationships between compounds could still be 
formulated in terms of radicals and functional groups, but no struc¬ 
tural formula could be assigned to any compound. The resulting 
theory would be very abstract; it would have very little connection 
with stereoisomerism and with all our recent advances in the field of 
molecular shape; and in general it would be very much less useful 
than classical structural theory, which is based on the concept of 
constant valences. We shall therefore consider the ideas under¬ 
lying valence and some of the discrepancies. 

Originally attempts were made to assign a single valence to each 
element, but this is not possible. In structural theory grave diffi¬ 
culties arise from such an attempt. For instance, trimethylamine 
oxide has the molecular formula C3H9ON, which fits the valences 
C = 4, H = 1,0 = 2, N = 3. But this substance is chemically so 
related to trimethylamine that it is best to assign it a structural 
formula with three methyl radicals on the nitrogen atom. This 
leaves the carbon, hydrogen, and nitrogen atoms saturated, and the 
oxygen atom is left over if we retain the above valences. If the 
chemical evidence for its structure is to be accepted, one of its atoms 
must have an enhanced valence. The addition of pentavalence to 
the valence rules for nitrogen removes this difficulty, and allows us 
to accept the chemical evidence without qualms. 

In a large class of elements, including nitrogen, there is a difference 
between the lower and higher valences. The lowest valence of an 
element is called its principal one. When an atom has less than its 
principal valence, it strongly attracts any similar atom. The valence 
rules forbid substances such as N, NH, and NH2, which contain 
elements with valences below their principal ones, because the mole¬ 
cules would rapidly combine with each other. The rules would allow 
compounds such as NH3, in which the principal valences are satisfied. 
The possibility that a compound reacts with itself or another com¬ 
pound by a reaction that is slow under ordinary conditions does not 
show the presence of unsatisfied valences and is not pertinent to the 
rules, as the compound would have a sufficiently long life to be pre¬ 
pared and studied under normal conditions. However, this does not 
mean that an atom with its principal valence satisfied cannot com¬ 
bine further and rapidly with other types of atoms. Thus the 
nitrogen atom of ammonia combines rapidly with the boron atom of 
B(CH 8 ) 3 . Though these atoms are saturated with respect to them¬ 
selves, they are not saturated with respect to each other. In the 
combination of NH3 and B(CH8)8 the nitrogen and boron atoms 
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achieve enhanced valences, but it needs a special type of atom to 
excite the higher valences. These higher valences are subject to 
certain numerical rules. Thus a trivalent nitrogen atom having com¬ 
bined once witli the special type of compound that excites its higher 
valence can combine no longer in this way. The single combination 
increases its valence by two, so that the valence rule for nitrogen 
permits tri- and pentavalent atoms. Sulfur may enliance its valence 
twice, and its permitted valences are 2, 4, and 6. In general, each 
element has a limited set of possible valences. 

We have seen abovci that there is a distin(*tion between the satura¬ 
tion of the principal valences and further combination by enhance¬ 
ment of the valence. A. Werner\s‘’ co-ordination number of an 
clement is the sum of primupal and enhanced valences satisfied by 
an inner sphere of atoms when complete saturation is reached. Both 
principal and enhanced classical valences can also be satisfied by 
electric charges, so the classical valence may exceed the co-ordination 
number. Thus in ammonium ion the positive charge may be sup¬ 
posed to be equivalent to a valeiu'c of nitrogen, and that atom is 
pentavalent. Only four of these valences are satisfied by atoms, 
and the co-ordination number is four. Sidgwick’s division of va¬ 
lence into electrovalence, ordinary (x)valence, and co-ordination cova¬ 
lence is an extension, not a contradiction, of classical valence. 
Although Sidgwick differentiates the types of valence in terms of a 
theory of chemical combination, the distinction can be made from 
chemi(‘al observations without the aid of any theory. Consequently 
valence rules can be expressed in terms of covalences, electrovalences^ 
and co-ordination covalences, and the permitted valences can be 
found from molecular formulas. With the aid of these rules the struc¬ 
tural formulas of simple compounds can be obtained. With these as 
starting points the whole system of structural formulas could have 
been developed in the same way that they have been developed from 
the starting points obtained from classical valence rules. 

When an atom is attached by a bond, it cannot be taken as an 
example of the legendary immovable object. Consequently, if a 
saturated compound is heated, it must eventually form molecules 
that disobey the rules of valence. Molecules with anomalous va¬ 
lences can always be obtained by heating a substance. But the 
existence of these molecules in no way invalidates the use of valence 
rules. Further, when two unsaturated molecules come together 

• Werner, A., trans. E. P. Hedley, New Ideas on Inorganic Chemistry^ p. 47. 
Longmans, Green & Co., London, 1911. 
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under the action of their mutual attraction, they cannot stay together 
unless there is some way of getting rid of the kinetic energy. The 
most natural way for this to occur in a high concentration of mole¬ 
cules is to change the energy of combination into motion of the 
surrounding molecules. One may therefore expect that if radicals 
are obtained by heating a comjK)und, the life of the radicals even at a 
reduced temperature can be greatly prolonged by having a low 
pressure. Many radicals have Ixnai obtained in this way, and have 
been shown to exists as radicals for appreciable durations of time. 
The preparation of radicals in this way in no way invalidates the 
valence rules. The experimental conditions are so entirely different 
from those in an ordinary ])n‘pai*ation that there is no possibility of 
confusion. Furtlua*, the grc^at reactivity of these radicals when 
brought under conditions that would permit the dissipation of the 
kinetic energy resulting from combination confirms the basic idea 
that an atom with anomalous valence is highly unsaturated. 

We have seen that valence rules are applicable to saturated mole- 
(uiles but not to frcH' radicals. The only experimental criterion 
between these two class(\s is that the former do not rapidly combine 
with each other and that the latter do, piovided the conditions are 
such as to allow a rapid dissipation of the (aiei'gy of combination. 
But. this criterion is I’eally one of degree rather than of kind, for 
saturated molecules have some attraction for each other, and when 
sufficiently cooled combine together into crystals; in fact, even lique¬ 
faction is essentially a combination of molecules. Valence rules are 
obtainable only because the- combination of saturated molecules is 
less energetic than that of free radicals, so that molecules of a satu¬ 
rated compound are obtained at much lower temperatures and higher 
pressures than the free radicals* that must eventually form when a 
substance is heated without limit. If the energy of combination of 
atoms is not fixed by the nature of the element and its valence state 
alone, the possibility of the energy of combination of radicals being 
of the same order of magnitude as that of the combination of satu¬ 
rated niolecules must be considered. If this is the case, free radicals 
are obtainable in concentraiions and at temperatures that do not 
differentiate them from a substance to which valence rules are ap¬ 
plicable. They would be true exceptions to the valence rules, and 
if their existence were a common phenomenon the valence rules could 
not be used as a foundation for structural theory. Free radicals of 
this type are well known. The phenomenon is not sufficiently 
common to cause any serious doubt as to the validity of the struc* 
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tural formulas assigned to compounds, but shows quite definitely 
that the energy of combination of atoms is not dependent on their 
valence states alone. Thus the energy of the combination of two 
trivalent carbon atoms can be lowered by 50 kcal. per mole by the 
effects of the groups that satisfy the first three of the four valences 
of carbon. Examples of radical formation by a reduction of com¬ 
bining energy of a valence by substituent groups are found among 
complex organic compounds, especially those containing aromatic 
groups.^^ The first of these to be discox^ered was triphenylmethyl. 
Quite simple inorganic free radicals such as NO, NO 2 , and CIO 2 have 
long been known. 

Free radicals have certain properties in common, so that an unsatis¬ 
fied valence can be considered as a structural feature which is asso¬ 
ciated with certain properties. In consequence it is possible to use 
the principle of relationship between structure and property to dis¬ 
cover abnormal valences in compounds whose empirical formulas do 
not require the assumption of an anomalous valence. Examples of 
this are not common, but the very well known compound oxygen 
is one. Compounds of such elements as hydrogen, carbon, oxygen, 
nitrogen, fluorine, and their relatives are diamagnetic ’when the ele¬ 
ments have normal valences, but paramagnetic when they are free 
radicals. Oxygen is paramagnetic, so that the structure 0=0 re¬ 
quired by the valence laws is unsatisfactory, and the formula O—O, 
in which the oxygen atoms are monovalent, is preferred. This case 
suggests the possibility of erroneous structures being obtained from 
the assumption of valence rules. However, no structural formula is 
derived from the assumption of 0=0 as the structure of oxygen, or 
from any assumed structure of a paramagnetic compound of H, C, 
N, O, or F. 

It often happens that apparently saturated molecules attract each 
other by forces that are intermediate between those that are attrib¬ 
uted to bond formation and those that lead to liquefaction. In 
such cases we do not directly know whether the phenomenon is to be 
attributed to an unusual or not previously discovered valence or not. 
Thus, more energy is needed to form a free molecule of H 2 O from 
liquid water than we would expect for so simple and light a molecule. 
This combination, first attributed to unusually high residual attrac¬ 
tion, is now thought to be an enhancement of the oxygen and hydrogen 
valences.^^ An enhanced valence for hydrogen was omitted in the de- 

Gomberg, M., Rer., 33 , 3150 (1900). 

Latimer, W. M., and Rodebush, W. H., J. Am, Chem. Soc., 42, 1431 (1920% 
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velopment of structural formulas, but as it is an enhanced valence 
and so is excited only by special types of atoms, and at its best is 
only a tenth as energetic as the principal valence of hydrogen, no 
serious error in structural formulas resulted from its omission. Its 
recognition does, however, explain some of the anomalies in the rela¬ 
tionship between structures and properties of some hydrogen 
compounds. 

The association of boron trihydride is an even more striking ex¬ 
ample of the combination of molecules which from the valence theory 
would be saturated. We know enough about the structure of this 
compound to be sure that tlu^ boron atoms of the hydride combine 
to form H3B—BH3. The energy of this combination is much greater 
than that of B(CH3)3 to form a liquid or solid. The valence of boron 
in B2H6 is not concordant with any usual valence rules. Unlike most 
examples of enhanced valence, the extra valence of the boron arises 
from a combination of similar instead of opposite types of atoms. 

One must conclude that while valence is a sufficiently fixed charac¬ 
teristic of elements to make its assumption valid for the purpose of 
obtaining structural formulas, the fac^tors that govern the attraction 
between molecules are too complex to be stated completely by a set 
of numerical rules. It is therefore to be expected that we should 
obtain compounds in which elements do not have normal valences. 
We are confronted with the paradox that the classical methods of 
structural theory can be used to obtain the structures of compounds 
and the valences of its atoms, even though some of these valences 
were forbidden in the development of structural theory. 



Chapter II 


ATOMIC STRUCTURES 

9. THE NUCLEAR ATOM 

The discovery of electrons, radioactivity, and alpha particles led 
to the conception of the divisibility of atoms into electrons and an 
equivalent amount of positive charge. Most of the mass of the atom 
was associated with this positive charge. It had long been known 
that if the elements were arranged according to their atomic weights, 
with the aid of a few inversions, the chemical and physical properties 
showed certain systematic changes. The need for these inversions 
implied that some property other than the atomic weight ought to 
be used for the ordering of the elements. The frequency of tlu^ X-ray 
spectra of the elements^ arranged by their atomic w(nghts show so 
marked a regularity as to indicate that the ])roperty by which th(^ 
elements should be arranged can be expressed by integral numixTs. 
These numbers are known as atomic numbers of the elements. 
They may be identified with the positive charge of the massive por¬ 
tion of the atom, expressed as multiples of the electronic diarge. 

The occasional sharp bends observed in the paths of alpha par¬ 
ticles, and the scattering of alpha particles in passing through thin 
metallic films, have shown that the heavy positively charged portion 
of the atom occupies only a small part of the atomic volume and does 
not permeate the atom as a whole.^ The model of the atom is then 
a small positively charged nucleus surrounded by a cloud of electrons. 

The positive nucleus is supposed to be itself a complex structure 
composed of positive charges and neutral particles called neutrons, 
so that atoms having the same atomic number may still differ in 
properties. Unless these properties involve a disintegration or other 
change of the nucleus, the differences are small as compared with 
those observed in atoms of different atomic numbers. Atoms having 
the same atomic number but different nuclear construction are called 
isotopes, and occupy the same position in the scries of elements. 

1 Moseley, H. G. J., Phil Mag,, 26, 1024 (1913); 27, 703 (1914). 

* Rutherford, E., Phil, Mag., 21, 669 (1911); Prac. Roy. Soc„ A97, 374 (1920). 
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10. THE LEWIS ATOM 

The construction of an electrical model of an atom naturally led 
to the hope that chemical behavior could be explained or deduced 
from the classical laws of electricity. But it was soon apparent that 
these laws were inadequate to explain even how such atoms could 
exist, much less the complex facts of chemistry. The field was open 
to the introduction of new assumptions about the behavior of positive 
and negative electricity in the narrow confines of an atom. Specu¬ 
lators were free to base their assumptions on the chemical behavior 
of elements and compounds as well as the phenomena arising from 
widely separated atoms. 

Lewis® assumed that the laws of electricity and magnetism are 
such that in the narrow space of an atom the electrons assume certain 
definite configurations. These configurations are concentric shells 
of electrons. As one goes from member to member of the series of 
elements, the added electron goes into a shell already occupied until 
an especially stable configuration has been reached, after which the 
added electron starts a new shell. An atom which is just short of 
the electrons requircni for one of these stable configurations has a 
tendency to acquire the necessary electrons and thereby the stable 
configuration, whereas one which has a slight excess of electrons over 
the stable configuration readily loses them. Hence in the series of 
elements a strongly negative element is followed by an inert element 
and the latter by a strongly positive element. This transition must 
be repeated every time a new shell is started. Consequently the 
elements show a marked periodicity of chemical properties when 
arranged according to their atomic numbers. Also, any property 
which depends either on the number of shells or on the number of 
electrons in an incomplete shell show^s a corresponding periodicity. 
This periodicity in the chemical and physical properties of the ele¬ 
ments is the reason for the ordering of the elements and the con¬ 
struction of periodic tables. Lewis’ stable electron configurations 
must be identified with those of the noble gases. The atomic num¬ 
bers of these elements are 2, 10, 18, 36, 54, and 86. The periods 
are then 2, 8, 8, 18, 18, and 32. The periodic table natural to the 
Lewis theory has only the above period# and hence belongs to the 
extended type rather than to the older condensed type. 

® Lewis, G. N., J. Am. Chem. Soc.y 38, 762 (1916). Almost identical sug¬ 
gestions were made by Kossel, W., Ann. Physik, 49, 229 (1916). See also 
Lewis, Valence and the Siruclure of Atoms and Molecules (Chemical Catalog 
Co., 1923); and Kossel, Valenzkrdfte und Rontgenspektren (Springer, 1927). 
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Lewis further assumes on the basis of chemical evidence that, 
except for the first one consisting of only two electrons, the stable 
arrangements all have an outermost shell of eight electrons, con¬ 
sisting of four pairs situated at the corners of a regular tetrahedron. 
Since the atomic number of a noble gas may differ by more than eight 
from that of the next one, a new shell may start in the series of ele¬ 
ments before the inner ones are full. 

Having obtained this picture of the structure of the atom, Lewis 
built up a theory of the chemical bond and molecular structure which 
is considered in the next chapter. 

11. THE QUANTUM THEORY OF THE ATOM 

11a. The Bohr atom. The first attemi)t to formulate the laws of 
motion for atomic systems, some of the results of which were con¬ 
tained in the Lewis postulates, was made by Bohr^ (1913). He 
applied the concept of quanta first enunciated by Planck^ (1900) to 
explain black-body radiation and used by Einstein^ to interpret the 
photoelectric effect and the specific heats of solids, to the nuclear- 
atom described by Rutherford. Bohr assumed that an electron can 
move about the nucleus only in one of a series of discrete states, each 
state of motion having a definite energy, and that the electron could 
be converted from one state of motion into another only by the 
emission or absorption of a definite quantity of energy equal to the 
difference in energy between these two states. If this energy were 
in the form of electromagnetic radiation, it would have a frequency 
given by the relation 

E2 — El 

" = -jr- 

where h is Planck^s constant of action having the value 6.55 X 
erg sec. and Ei and E 2 are the energies of the initial and final states, 
respectively. If Ei is greater than E 2 , the energy is emitted; if Ei 
is less than E 2 , the energy is absorbed. Further, he was able to 
calculate the energies of these states for the hydrogen atom by using 
the classical laws of electrodynamics upon which were superimposed 
the quantizing condition that for circular orbits of the motion of the 
electron about the nucleusjlonly those orbits were possible for which 
the angular momentum was an integral multiple, n, of h/2Tr. This 

* Bohr, N., The Theory of Spectra and Atomic Constitution. Cambridge Uni¬ 
versity Press, 1924. 

® Planck, M., Thermodynamics, Longmans, Green & Co., New York, 1927. 

•Einstein, A., Ann. Physik, 17, 132 (1905); 37, 832 ; 38, 881 (1912). 
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was extended by Sommerfeld for all kinds of orbits by quantizing 
separately and in the same way each of the three components of the 
momentum of the electron and thus obtaining three related quantum 
numbers.^ In the absence of any external disturbances such as other 
atoms, electric or magnetic fields, the energy of the atom depended 
only on the sum of these quantum numbers, and so it was possible 
to have several slightly different states of motion all having the same 
energy. In the presence of an external field, these different states 
of motion acquire different energy values. This form of the theory, 
however, was soon found to be inadequate in many respects; for 
example, it failed to give the energy states necessary to obtain the 
observed spectrum of the very next element of the periodic system. 
Helium, so that in 1926 Schrodinger** introduced a new law for 
describing atomic systems. 

lib. The wave mechanical atom. Schrodinger used the do Broglie 
concept that a wave of wave length X = h/mv was associated with a 
moving particle. By combining this value of the wave length with 
the classical equation for wave motion, he obtained an expression 
representing the motions of atomic particles. This law has since 
been developed and expressed in the form of a differential equation 

(// - W)^ = 0 (2) 

together with the limiting condition that the solution of this equa¬ 
tion must be such that the variable ^ must be continuous, single 
valued, and finite for all possible co-ordinates of the system. H is an 
expression obtained from the Hamiltonian function of classical 
mechanics by means of a certain set of rules whose only justification 
is that they give results in agreement with experiment. It contains 
the co-ordinates of the particles in the system, the first and second 
differentials with respect to these co-ordinates, and the Planck con¬ 
stant. (This new law, which we shall henceforth call the Schrodinger 
equation, contains classical mechanics as the special case oi h = 0.) 
W is the energy of the system, for which this equation has an allowed 
solution. It gives the values of ^ as a function of the co-ordinates 
of the system, and the energy can be calculated by the relation 

W = J dr, (3) 

^ An excellent and brief exposition of all of these concepts is to be found in 
Atomic Spectra and Atomic Structure^ by G. Herzberg (Prentice-Hall, Inc., 
New York, 1937). 

* Schrodinger, E., Ann. Phyaiky 79, 361, 489; 80, 437; 81, 109 (1926). Sug¬ 
gested also by Heisenberg in a different form. Heisenberg, Zeit. /. Phys.j 88, 
879 (1925). Born, M., Problems of Atomic Dynamics, Cambridge, Mass., 1926. 
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which is a rearrangement of equation (2) where dr is the differential 
of volume in phase space and the integral is taken over all the phase 
space for the system. ^ is known as the wave function for the 
system. The solution of a differential equation for a system of 
particles, set up a(;cording to the law of classical mechanics, gives us 
directly the co-ordinates in space of these particles and their momenta 
as a function of these co-ordinates and time. This, however, is not 
true of the Schrodinger equation. The analogous process in quantum 
mechanics is an explicit solution for from which the energy of the 
system and its distribution in space may be calculated. 

The only atom for w^hich the Schrodinger equation has been com¬ 
pletely solved is the simplest one, the hydrogen atom, consisting of a 
positively charged nucleus around which a single electron is moving. 
The solution giving xp explicitly as a function of the co-ordinate 
(r, 0, 0, in polar co-ordinates) of the electron about the nu(;leus as 
origin contains three parameters, n, and w, which can have only 
certain integral numeri(;al values, and the solution is usually repre¬ 
sented by \pn,i,m(ry 6, (p). These parameters are known as the total 
quantum number n, the azimuthal quantum number 1, and the mag¬ 
netic quantum number m. The values which they are permitted to 
have in order that the wave equation and its limiting conditions bo 
fulfilled are: 


71 — 1, 2, 3, • • • 

/ = 0, 1, 2, ... n - 1, 

w = ~Z, -Z -f 1, ... 0, 1, 2, ... 4-/ - 1, +l 


Thus for any given set of values of n, Z, there exists a xp describing 
a particular mode of motion of the electron, one of Bohr\s orbits. 
Two of these xp functions which are frequently used are those for 
which n = 1, Z = 0, m = 0, and n = 2, Z = 1, m = 4=1 or 0; they 
are given explicitly by 
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The energy of the electron in the state represented by d, 0) 

is given by 

W - (6) 

where Ze is the charge on the nucleus, ~f the charge on the electron, 

IX the reduced mass of the system given by h the 

Planck constant, and n the total quantum number. Just as n deter¬ 
mines the energy of the electron, I determines the angular momentum 
of the electron and m determines how this angular momentum is to 
be oriented in space. It is thus appanmt ni plays no part in de¬ 
scribing the electron in an atom unless some particular direction in 
sj)ace is specified by means of an external field, electric or magnetic, 
or by the presence of oIIkt atoms. Since these theories were first 
developed with special refereiK^e to spectroscopic data, the language 
of spectroscopy has been maintaiiUKl in their use. An elecjtronic 
wave function for which n = 1, Z = 0, is written ^i^,, for which n = 2, 
Z = P ^ 2 py etc., where the letters s, p, oZ, /, gr, h correspond to the Z 
values, 0, 1, 2, 3, 4, and 5, respectively. Such a wave function, 
describing a possible mode of motion of a single electron, has been 
called an orbital. From the above-mentioned relationships between 
the permitt('d values of n, Z, and m, it may be seen that for each 
value of n there exist such orbitals. Since the energy of a state 
is determined only by the value of n, there will be modes of motion 
for each energy level. 

To complete the description of the atom, a way must be found to 
obtain from the ^ function^ the actual position of the electron with 
respect to the nucleus. This has been done by attributing to the 
value of a probability so that dr becomes the probability that an 
electron will be found in the element of volume dr. If the proba¬ 
bility for each of the volume elements is added for all space, the sum 
must be unity, i.e. f^^dr = 1. This is simply saying that the electron 
must be somewhere in space around the nucleus. The ground state 
(most stable state) of the hydrogen atom is represented by which 
is independent of 6 and <Z>, i.e., it is spherically symmetrical about 
the nucleus and depends only on the distance from the nucleus (r). 
If, for such an orbital, the probability of finding the electron in a 

® Henceforth we will omit all of the subscripts necessary to describe \f/ 
unless some specific set is required. 
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spherical shell, whose internal radius is r and whose external radius 
is r + dr, is plotted against r, the result shown in Figure 1 is obtained. 

The point of maximum probability is at Vq = 0.529 A, which 
corresponds exactly with the radius of the first Bohr orbit for hydro¬ 
gen. Therefore we must now relinquish the idea that it is possible 
to state precisely where an electron will be, or exactly how fast it 
will be moving. This is to be replaced by the idea that an electron 
has a finite probability of being anywhere outside the nucleus, but 
that this probability is appreciable only for positions very close to 
that of maximum probability. The same argument holds for the 
distribution of velocity of the electron. Since most observable proc¬ 
esses in which atoms take part are very slow compared to the most 
probable velocity of the electron, the atom can be considered as a 



Figure 1. The probability distribution of the 
electron in the ground state of the hydrogen 
atom (s orbital). 


positive nucleus surrounded by a distribution of negative charge 
whose density variation corresponds with the probability distribution. 
In Figure 2 are shown three-dimensional solid figures whose surfaces 
correspond to the maxima in the angular probability distribution for 
the two most important types of orbitals of the hydrogen atom, that 
for which i = 0 (s orbital) and those for which i = 1 (p orbitals). 
The s orbital figure represents the radial distribution as well. The 
value of ri is left unspecified, since the symmetry of these figures 
is independent of n. There is only one possible 5 orbital (m = 0) 
but there are three mutually perpendicular p orbitals corresponding 
to m = ±1 or 0. 

As a result of the study of the fine structure of certain atomic 
spectra, especially those of the alkali metals, Uhlenbeck and Gouds- 
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mit^® found it necessary to ascribe to the valence electron a half 
unit of angular momentum in addition to its orbital angular mo¬ 
mentum. Thus, in order to describe an electron completely, it is 
now necessary to give its intrinsic angular momentum (spin) in addi¬ 
tion to its other three quantum numbers. This spin quantum 
number can have only the values or — Further, no two 
electrons can have the identical set of all four quantum numbers. 
This is one form of expression for the Pauli Exclusion Principle, 

z 

I Y 



Y' I 

Z 



Figure 2. Surfaces of maximum probability for an s orbital (upper figure) 
and p orbitals, p*, py, p, (lower figures). The p orbitals give only the angular 
distribution. 

which is really a statement of experimental fact. It is equivalent 
to saying that no two electrons can occupy the same place at the 
same time. 

All of the characteristics of the possible electronic motions in the 
hydrogen atom, which we have described, remain valid for the 
possible motions of an electron in any spherically symmetrical field. 
Neglecting for the moment the interactions of the electrons among 
themselves, there exist about any nucleus, for each value of n, n 

Uhlenbeck, G, E., and Goudsmit, S., Naturwiss., 13, 953 (1925); Nature, 
117, 264 (1926), 
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orbitals (tracks, or modes of motion) into each of which not more 
than two electrons can be placed, and if there are two they must 
have opposite spins. Table 1 shows the possible conditions of an 
electron about a nucleus. 

By taking a series of nuclei with increasing positive charges, the 
neutral atoms may be constructed by adding the equivalent number 
of electrons into the possible orbitals in their order of increasing 

Table 1 

QUANTUM NUMBERS FOR ORBITAL ELECTRONS 


n l m f 2n* 



energy. This order of increasing energy of the orbitals must be 
determined experimentally from optical and X-ray spectra, and it 
appears that the order is that of increasing n and I up to the point 
at which the 3p shell is filled, i.e. Ar. The next electron goes into 
the 4s orbital instead of the 3d and gives potassium. From this 
point, then, the electronic interaction is sufficient to make the energy 
of a state of a given value of n and a high value of I greater than 
that of the state n + 1, but with a low value of L Long before this 
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point, however, it had become possible to distinguish energy differ¬ 
ences between different values of / for the same value of n. 

Table 2 gives the electronic distributions of the atoms. An ex- 


Table 2 

THE ELECTRON DISTRIBUTION IN ATOMS 





K 

L 

M 

N 



c'3 

n = 1 

2 


3 

4 

a I 

i 

M o 

►H 
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0 

1 2 

0 12 3 


w 

S 

s p 

s 

p 

s p d f 

1 

H 
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1 





2 

He 

24.46 

2 





3 

Li 

5.37 

2 

1 




4 

Be 

9.281 

2 

2 




5 

B 

8.28 

2 

2 1 




6 

C 

11.217 

2 

2 2 




7 

N 

14.47 

2 

2 8 




8 

0 

13.550 

2 

2 4 




9 

F 

18.6 

2 

2 5 




10 

Ne 

21.47 

2 

2 6 




11 

Na 

5,12 



1 



12 

Mk 
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2 



13 

A1 
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2 

1 


14 

Si 
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2 

2 


15 

P 
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Config- 

2 

3 


16 

S 

10.31 

uration 

2 

4 


17 

Cl 

12.96 



2 

5 


18 

Ar 

15.69 



2 ' 

6 


19 

K 

4.32 





1 

20 

Ca 

6.09 





2 

21 

Sc 

6.57 




1 

2 

22 

Ti 
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2 

2 

23 

V 
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3 

2 

24 

Cr 
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5 

1 

25 

Mn 

7.40 




5 

2 

26 

Fe 
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6 

2 

27 

28 

Co 

Ni 
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Argon 

Configura- 


7 

8 

2 

2 

29 

Cu 
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10 

1 

30 

Zn 
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10 

2 
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Ga 
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10 

2 1 

32 

Ge 
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10 
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33 

As 

9.4 




10 
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34 

Se 
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10 
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Br 
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10 

2 5 
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Kr 
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10 
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0 

R 

Q 

5 

6 i 

7 
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Table 2 (Coni.) 


Atomic 

Number 

Element 

Ionization 

Potential 

(volts) 

K 

n ^ 1 

L 

2 

M 

3 

A^ 

4 

0 

5 

P 

6 

1 = 0 

s 

0 1 
s p 

0 1 2 
s p d 

0 

8 

1 2 3 
pdf 

0 1 2 
s p d 

0 1 

8 P 

2 

d 

37 

Rb 

4.16 



1 



38 

Sr 

5.67 



2 



39 

Y 

6.5 


1 

2 



40 

Zr 

6.92 


2 

2 



41 

Nb 



4 

1 



42 

Mo 

7.35 


5 

1 



43 

Ma 



6 

1 



44 

Ru 

7.7 

Krypton 

7 

1 



45 

Rh 

7.7 

Configuration 

8 

1 



46 

Pd 

8.3 


10 




47 

Ag 

7.54 


10 

1 



48 

Cd 

8.96 


10 

2 



49 

In 

5.76 


10 

2 1 



50 

Sn 

7.30 


10 

2 2 


51 

Sb 

8.5 


10 

2 3 


52 

Te 



10 

2 4 


53 

I 

10 


10 

2 5 


54 

X 

12.078 


10 

2 6 


55 

Cs 
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1 

56 

Ba 
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2 

57 

La 





1 

2 

58 to 
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1 to 


1 

2 

71 
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14 


1 

2 

72 
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14 


2 

2 

73 

Ta 



14 


3 

2 

74 
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14 


4 

2 

75 

Re 
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14 


5 

2 

76 

Os 
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including 8 
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6 

2 

77 

Ir 


electrons in 

58 and 

5p 

14 


7 

2 

78 

Pt 
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14 


9 

1 

79 

Au 
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14 


10 

1 

80 

Hg 
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14 


10 

2 

81 

T1 

6.08 
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10 

2 1 
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Pb 
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2 2 
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Bi 
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2 4 
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10 

2 5 

86 

Rn 
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14 


10 

2 6 
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Ac 
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1 

90 

Th 
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Pa 
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amination of the table will show that the rare gases, with the excep¬ 
tion of He, have an external electron configuration of eight electrons 
existing in four orbitals each containing a pair of electrons with 
opposite spins. Helium has only the stable single pair. It should 
be noted that the next electron added after a rare gas configuration 
has been completed always appears in the shell with the succeeding 
value of n. These atoms following the rare gases are thus the ones 
which begin the periods. To this must be added the experimental 
rule of Hund, that for any given value of I the electrons will tend to 
have the same spin so long as there are orbitals available which will 
permit them to do so. For example, there are three possible p 
orbitals and the three p electrons of nitrogen can remain unpaired 
by having each occupy a different p orbital. In oxygen, however, 
there are four p electrons and hence two of them must be paired in 
the same orbital, leaving only two unpaired electrons. 

The wave mechanics contains in it the Lewis concepts of atomic 
structure, of the rule of eight, of the rule of two, and of the valence 
property of the unpaired electron. How these atoms can be com¬ 
bined to form the molecules of Chapter I with their localized bonds, 
geometrical arrangements, and free or restricted rotations, etc., will 
be taken up in the following chapter. 



Chapter III 


MOLECULAR STRUCTURE 

12. ELECTRONIC STRUCTURAL FORMULAS 

The properties of substances depend on the composition and struc¬ 
ture of their molecules. These consist of atoms held together by 
chemical affinity. In (•lassical chcmistiy the origin of affinity is not 
stated, but rules governing it are developed from observed facts, 
For instance, an atom is assumed to have definite valences, because 
substances are prej)arable only wlnai their formulas can be made to 
agree with the assigned valences of thc^ component atoms. Prac¬ 
tically all known hydrocarbons have emi)irical formulas that could 
result from the assumptions of tetravalciice of carbon and mono¬ 
valence of hydrogen. Similarly the tln^ory that the four valences or a 
carbon atom are directed to the corners of a tetraliedron is based on 
the facts of stereochemistry and is quite independent of any theory 
as to the origin of affinity. 

Just as the periodic classification of the elements was developed 
before we had any knowledge? of the (composition of atoms, so the 
whole system of structural chemistry preceded all theories of the 
origin of the binding forces in a molecule. The atomic theory has 
increased our understanding and acccuracy of the application of the 
periodic system. The development of bond theory, in its turn, may 
be expected to lead to marked advances in structural theory. 

When atoms wore found to be made of positive and negative 
charges, it was assumed that aflfinity was electrical in character. 
It was supposed either that an electron passed from one of a pair 
of bonded atoms to the other, the electrostatic attraction between 
the oppositely charged atoms constituting the binding force, or that 
electrons assumed a position between bonded atoms, the attraction 
of the intermediate electrons for each of the atoms constituting the 
binding force. The Lewis theory presupposes the latter condition. 

Electrons in pairs are assumed to be able to belong to two atoms at 
the same time. The two shared electrons contribute to the valence 
electron shell of each of the atoms. Whenever the electron con¬ 
figurations of the bonded atoms are more stable than those of the 
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individual aioms, energy is needed to separate the atoms and a bond 
spe(ufie to the two atoms results. Similarly, two pairs or three pairs 
may be shared, resulting in double or triple bonds. Since Lewis 
assumes that the arrangement of the electrons in a noble gas is 
particularly stable, bonds will be formed when atoms can achieve 
these configurations by sharing their electrons. Thus fluorine atoms 
have seven valence electrons; by sharing a pair they can each have 
eight valeru^e electrons and the stable arrangement of a neon atom. 
Even when an atom has enough bonds to fill its valence shell, it can 
still form bonds if it still has pairs of electrons not shared with other 
atoms, by sharing one of these j^airs of electrons with an atom lacking 
valence elet^trons. Thus a nitrogen atom, which has five valence 
electi ons, can use three of them to form bonds with hydrogen atoms. 
The other two electrons can be shared with a hydrogen ion, which 
is two electrons short of a helium electron configuration. The result 
is ammonium ion. 

Lewis assumed that the pair of electrons was one of the stable 
arrangements, so that apart from the formation of noble gas electron 
iirrai gements, atoms having unpaired electrons would form bonds. 
This he calls the rule of two, to distinguish it from the rule of eight. 
Both rules are explicit in his theory. 

It must not be assumed that these two rules exhaust the possi¬ 
bilities of bond formation. Thus mercuric ion combines with chloride 
ions to form mercuric chloride in which the mercury atom is bonded 
to the two chlorine atoms. In this process the mercury atom does 
not acquire an octet, and the chlorine atoms have the same octets 
in the chloride ions as in mercuric chloride. The bonds in this 
case may arise from a specific instability of the electron configura¬ 
tion of the mercuric ion. But the bonds which maintain themselves 
through the gn^atest vicissitudes are those in which the atoms have 
achieved noble-gas electron configurations. 

Atoms can also achieve noble-gas electron arrangements by the 
transfer of electrons from one atom to another. This process is also 
an integral part of Lewis^ theory. The process produces opposite 
charges on the atoms and an attractive force between them. This 
force is not specific between the two atoms; the ion attracts all 
neighboring ions of opposite charge. Thus a sodium atom can give 
up an electron to a fluorine atom, both atoms achieving neon electron 
arrangements. The resulting ions attract each other and, if in pro¬ 
fusion, will arrange themselves in a lattice so that ions will be sur¬ 
rounded by oppositely charged ions as far as possible. The existence 



40 


MOLECULAH STRUCTUKE 


[Cir. Ill, §12) 


of the two types of binding has long been recognized, and they have 
been distinguished by various names. Perhaps the simplest nomen¬ 
clature is to call the shared electron binding a chemical bond and 
the other type an ionic binding. 

The Lewis theory readily allows the graphic representation of 
molecular structures. Since, in general, only the valence electrons 
are involved in bonds, electrons of inner shells need not be depicted. 
The symbol of the element represents the atom without its outer¬ 
most shell of electrons; this part of the atom is known as the kernel. 
The electrons are shown as dots about the symbols, those electrons 
that are shared as bonds being placed between the appropriate sym¬ 
bols, the others around the symbol of the atom to which they belong. 
Electrons that are paired are placed close to each other. Thus the 
alcohol and acetaldehyde molecules are represented by 

H H H H 

H:C:C:0:H and H:C:C::0: respectively. 

H ii “ H 

As the elementary symbols represent positively charged kernels and 
the dots electrons, it is not necessary to include any special sign for 
the charge on an ion, though this is sometimes done for convenience. 
Thus the ammonium ion is represented by 

H r H 1+ 

H:N:H or by H:N:H . 

H L H _ 

In the former graphic formula the letter N implies five units of posi¬ 
tive charge and the letter H one. Since there are eight electrons, 
and since one N and four H's are shown, the charge is -|-1. 

A system of structural formulas very similar to that of organic 
chemistry can be constructed from Lewis’ atom and bond theory. 
In many instances an electron formula is assigned to a molecule for 
the same reasons that are used to assign the bond formula. Often 
the two types of formulas are used for the same purposes and in the 
same way. However, the two systems of structural formulas are not 
quite equivalent. In general, the Lewis theory has implications that 
are absent from classical structure theory, and in most cases—perhaps 
not in all—these implications are’substantiated by the facts. 

The rule of eight may replace the old rules of valence to predict 
the modes of combination of the elements, more especially for those 
that are not far from some noble gas in the series of elements. The 
valence rules used in building up bond formulas require that the 
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valence of a nitrogen atom be either three or five without any restric¬ 
tions on the method of combination. If we assume that a nitrogen 
atom in a stable compound shall have an electron configuration like 
that of neon, the modes of combination allowed to nitrogen are three 
negative charges, two negative charges and a bond, one negative 
charge and two bonds, three bonds, and finally, one positive charge 
and four bonds. Although these modes can be identified with tlu^ 
tri- and pentavalence of the older theory, they are really more restric¬ 
tive. Thus in an ionizable compound (salt) of trivalent nitrogen, 
the Lewis theory requires that the nitrogen is part of the anion. 
Generally the differences between the octet rule and the older valence 
rules are most marked in the higher valences. Thus the octet rule 
requires that pentavalent nitrogen can be obtained only when there 
is an atom or group that can acquire a negative charge to balance the 
positive charge of the nitrogen atom. A compound with the formula 
NH 4 CI is to be expected but not one with the formula NH 5 . Further, 
if the combination is one with only monovalent atoms or groups, the 
pentavalent nitrogcui compound must be a salt. The old valence 
rules make no restriction as to the types of atoms or groups in a 
pentavalent nitrogen compound, and say nothing as to the nature 
of the compound. 

In many cases double bonds shown in the older formulas must be 
replaced by single bonds in electron structures to maintain the rule 
of eight. Thus an amine oxide is represented by the formula 

R R 

^.. I 

R:N:0: while the older formula R—N==() has a double bond. 

A 

Generally in these cases the single bond fits the properties of the sub¬ 
stance better than the double bond. 

The old bond theory makes no implication as to the equivalence 
of the bonds of pentavalent nitrogen and implies that its stereo¬ 
chemistry would correspond to the geometry of some five-pointed 
object. The electron formula requires that four of the valences be 
equivalent, that one be an undirected electrostatic attraction, and 
that the stereochemistry would correspond to the geometry of a 
tetrahedron. The existence of two isomers of 

OCHs 

(CH,)3N^ 

OC2H6 
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as shown by the Lewis formulas, 


CH, 



- 

CH, 



HsC;N:ftcH3 


rOrCzHc 

and 

HjCiNiOiCjHs 


:0:CH3 

CH,' 




cit 




and the lack of isomerism in compounds in wliich only one of the five 
groups would be likely to have a negative charge 


e.g.: 


CsH; 

I 

(CH3)2N—Cl 

I 

CJA, 


confirms the idea of equivalence in four of the valences but not in 
all five. The stereochemistry of pcntavalent. iiitrogcui and of any 
atom having a noble-gas electron configuration agrees with that d(‘- 
ducible from t(?trahedral atoms. 

12a. Co-ordination number. We have used nil rogen to exemplify 
the diffenmee between the older and the new valenc(‘ theory. In 
this case the new theory is entirely borne out by the facts, but this 
is not true for all elements. For instance, if the phosj)horus atom 
in PCIb has an octet, the substance would be a salt, whereas the 
properties indicate that the fiv(^ (chlorine atoms are all attached by 
non-polar bonds to the phosphorus atom, as the bond structure would 
have implied. This is not a unique case. The formation of an oct(‘t 
does not exhaust tlui bond-forming possibilities. Even after octets 
have been formed they may be destroyed by the formation of extra 
bonds. Usually this occurs when the extra bonds are between 
oppositely charged ions (e.g., PCIU + Cl~ PCL). The maximum 
number of bonds possible to an atom of any element is known as its 
co-ordination number. Experimentally it is found that the co-ordi¬ 
nation number is determined by the number of electron shells, as 
shown in the table. 


Table 3^ 

CO-ORDINATION NUMBERS 


No. of Electron Shells 


Co-ordination No. 


1 . 2 

2 . 4 

3 . 6 

4 . 6 

5 . 8 

6 . 8 


^ Sidgwick, Ref. (1), Chapter I. 
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12b. Charge distribution. An electron formula dejnets an arrange¬ 
ment of positive and negative charges, while a bond formula depicts 
.one of neutral atoms. Consecpiently electron formulas should often 
directly show jjroperties of compounds that are not implied by bond 
formulas. In an electron formula it is not possible to draw a 
boundary that separates the atoms from each otht^r, because some of 
the electrons belong to two atoms. If we arbitrarily draw a boundary 
so as to separate the charge of shared electrons equally between the 
bonded atoms, eac^h atom will either be neutral or have an integral 
number of electronic charges. This number is the same as the electro¬ 
valence of Sidgwick; we shall call it the formal charge of the atom. 
It must approximately represent th(^ charges associated with regions 
of the molecules. Thus in 



a boundary line drawn according to the above specification about 
the nitrogen atom will include four electrons and the letter N, which 
implies five positive charges. The region included has a nc^t positive 
charge. Similarly the boundary around the singly bonded oxygen 
atom includes seven electrons and the six positive charges of the 
oxygen kernel, and is negatively charged. Boundaries around the 
other atoms represent neutral regions. The mok^cule as a whole is 
neutral but has an excess of positive charge at one point and negative 
charge at another, and should represent a molecule with a large 
dipole moment. It is natural to assume that this method will give 
larger dipoles than those actually found; for the electrons will tend 
to distribute themselves in the bonds so as partially to neutralize the 
charges. Actually the molecules of such substances as glycine have 
large dipole moments. 

The existence of this separation of charge was known before the 
development of electron formulas. It was arrived at by chemical 
reasoning. A compound such as NH 2 CH 2 COOH is both a base and 
an acid, as it has an amino and a carboxyl group. It must neu¬ 
tralize itself, forming oppositely charged portions in the same mole¬ 
cule. These substances arc known as zwitter ions, or better, inner 
salts. 
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A special type of inner salt is that in which the positively and 
negatively charged atoms are bonded to each other: e.g.. 


CH3 

HaCrNrO; , 

chV 


: 0 : 

HaC-.SrCHa. 


: 0 : 

HsCrOiSrOiCHa 


Sugden^ has called this type of union a semipolar double bond. In 
old bond formulas a double bond connected the positively and nega¬ 
tively charged atoms. 

By adding the formal charges of the atoms to the bond formulas, 
structures can be evolved that are practically equivalent to electron 
formulas. The bond formula of this type corresponding to any 
electron formula can be obtain(;d l>y calculating the formal charges 
of the atoms and representing them by plus and minus signs, re¬ 
placing all shared electron pairs by bonds, and ignoring all other 
electrons. The reverse process consists of replacing all bonds by a 
pair of dots and then adding unshared electrons so as to make th(i 
formal charges correspond to those given in the bond formula. Thus 
the formulas 


H3C- 


-N^ 

\ 


O 


O 


H 


and H:CV.N:0: 



are equivalent and easily changed from one form to the other. 

If one accepts tetrahedral symmetry for the electron pairs in a 
noble-gas configuration other than that of helium, a molecule whose 
atoms have noble-gas configurations is a structure built up of tetra- 
hedra terminating either in hydrogen atoms or in unshared electron 
pairs. The kernels of atoms other than hydrogen are at the centers 
of their respective tetrahedra. If it is assumed that the hydrogen 
nuclei and their bonding pairs of electrons have coincident centers 
of gravity (by analogy to helium), a neutral molecule lacking balance 
among its hydrogen terminals has an electric dipole. Thus in 

H H H 

H:C:F:, H:C:0:H, or C::0: 

_h'* ii" H 

* Sugden, S., The Parachor and Valency. G. Routledge & Sons, London, 
1930. 
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the center of gravity of the electrons should be displaced away from 
the center of gravity of the kernel charges and in the direction of 
the atoms of higher kernel charge. On the other hand, in 


H H :F: 

HHH 

H;C:C:H, :F:C:F: 

or H:C:C:C:H 

ii H :F: 

HHH 

there should be no electric dipole. 

(See section 18, Chapter V.) 


Many structures show electrical balance or the lack of it according 
to the degree of freedom of rotation permitted about the bonds. 
Thus for Cl—CH 2 —CH 2 —(.^1 a fixed position with the chlorine atoms 
trans to each other is balanced, but a fixed position with these atoms 
CZ6* to each other is unbalanced. Free rotation permits a distribution 
between these two conditions. The dipole moment can be used to 
determine to what extent tlu^ rotation is hindered and what spatial 
configuration is stable. For ethylene dichloride, the dipole moment 
shows the trans configuration to be slightly more stable than the cis. 

We shall not use this theory of dipole moment, for there are theo¬ 
retical reasons to believe that the electrons of a bond are not equally 
shared betwc^en two atoms. The elec^trons belong more to the atoms 
with the greater electron affinities and higher ionization potentials. 
In consequence there is a dipole associated with each bond, and the 
resulting moment of the molecule is the vector sum of these bond 
dipoles. 

12c. Acids, bases, and free radicals. Unshared electron pairs or 
lack of electrons shows the possibility of further reaction cither in 
additions or in metatheses; e.g.. 


H R 

H:N: + B:R 
ii R 

R 

R:N: + R:I: -> 
R 


N R 

H:N:B:R, and 

ii ii 


" R ■ 

+ 

- 

R:N:R 

+ 

:I: 

ii 




These possibilities are not shown by older formulas unless the react¬ 
ants are ions. Often more than one unshared electron pair exists in 
an ion, and it is not necessary to assume a tautomerism of the ion 
when it can give two sets of derivatives. Thus, because cyanides 
form nitriles and isonitriles, it is not necessary to assume tautomerism 
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between cyanide and isocyanide ion; the formula :C::N: is the ion 
of both hydrocyanic and isohydrocyanic acids and shows a reactive 
point on both the (‘,arbon and the nitrogen atoms. 4'he atom with 
an unshared pair of eh^ctrons is unsaturated with respect to an atom 
capable of increasing its valence electrons by two. The two classes 
of unsaturated atoms are basic and acidic, respectively. 

Lewis assumed that an electron in an atom or molecule has a mag¬ 
netic moment, but an electron pair has none; that most organic 
compounds therefore must be diamagnetic, as all of their electrons 
are paired; but that all atoms and molecules which have an odd elec¬ 
tron must be pai*amagnetic. This has been found to be correct. 
But further, if a substance is found to be paramagnetic, a formula 
showing only paired (electrons must be erroneous. Thus he gave 

oxygen the formula : O: O: instead of : O:: O: ((equivalent to the 

previously accepted formula 0=C)). Many of the chemical prop¬ 
erties of oxygen (e.g., its rapid addition to free radicals) correspond 

more closely to the structure :0:0: than to the structure :0: :0:. 

13. THE ELECTRON PAIR BOND IN QUANTUM MECHANICS 

We see then, that there are at least two extreme ways in which 
atoms may be held together to form a molecule: namely, the shared 
electron pair bond and the ionic link. The background for an under¬ 
standing of the ionic linkage had been at hand for a long time in the 
form of the coulombic laws of electrostatic attraction and repulsion, 
and there was little difficulty in conceiving a mechanism by which 
such a binding could come about. But the mechanism of the shared 
electron pair bond remained completely in the dark until the advent 
of the quantum mechanics. Just as the chemist^s ideas concerning 
atomic structure and the periodic system were confirmed and ex¬ 
tended, so did his conception of the chemical bond and molecular 
structure receive a theoretical background and at least something 
of a start toward a quantitative formulation. Most of the con¬ 
cepts of the structure and behavior of molecules which have emerged 
from the quantum mechanics had been known to the organic chemists 
in a qualitative way for a long time, together with many ramifications 
and extensions which have not yet been subjected to any kind of 
mathematical treatment. It is our task at this point to provide a 
sort of dictionary for the interconversion of the two vocabularies 
insofar as this can be done, so that the quantitative relationships 
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existing among the terms of the one language may be made use of in 
the other and the very much greater extension of qualitative rela¬ 
tionships existing in chemical terminology may be of some guiding 
service to the theoretician. 

As has already been said,’^ the complete solution of the Schrodinger 
equation, the law which governs the motions of atomic systems, has 
been accomplished in only the simplest case even for a single atom. 
The equation may be set up for the simplest of all molecules, H 2 , 
but it cannot be directly solved because of thi) mathematical diffi¬ 
culties. These mathematical difficulties are introduced largely be¬ 
cause of the necessity for considering the interaction of the electrons 
among themselves, i.(^. by terms of the type c^/ri 2 where e is the 
electronic charge and ri 2 is the distance between electrons 1 and 2 . 
It, is this vciry interaction which permits the beginning of new^ shells 
before old ones are completely full, in building up the atoms. In this 
difficulty lies the sour(;e of much misunderstanding concerning the 
natiire of molecular structures and the properties which they repre¬ 
sent. There is a tendency to attribute to these structures character¬ 
istics which are really the result of the inadequacy of our methods 
of representation. This appears in both the quantitative and the 
qualitative aspects of the theory, and will appear again later in 
connection with specific cases. 

13a. Methods of approximation. Since the problem of two nuclei 
and two electrons, the hydrogen molecule, cannot be solved directly, 
we must seek methods of approximation to this solution. The true 
solution of the equation would yield in the first instance a wave 
function ^ for the system, from which all its other i)roperties, such 
as energy, spatial arrangement, excited states, etc., could be derived. 
So we must set about to find approximate wave functions which 
would represent the system as truly as possible. There are two very 
general methods of doing this, both of which depend on the mathe¬ 
matical theorem that under certain conditions any function may be 
represented by a linear combination of another set of functions. 
Thus the unknown wave function ^ could be represented as a linear 
combination of a set of known functions, ^ 1 , ^ 2 , ^ 3 , etc., with a set 
of constant coefficients, Ci, C 2 , C 3 , etc.: 'k = ci^i -f- 02^2 + + 

04^4 -Cn^n. The problem thus becomes the one of selecting the 

proper set of known wave functions, ^ 1 , ^ 2 , etc., and determining the 
values of their coefficients, Ci, C 2 , etc. The two methods which have 
been most frequently used to determine these coefficients are known 


* See section 11, Chapter II. 
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as the perturbation method and the variational method. The type 
of problem to be solved will determine which method is most directly 
applicable. The case of the hydrogen molecule was first solved by 
Heitler and London^ using the perturbation method, but the best 
solution has more recently been obtained by James and Coolidge^ 
using a variational method, and so we shall give here a very brief 
account of the variational method. Detailed accounts may be foiind 
elsewhere.® 

Let us suppose that for a given problem we have selected a certain 
set of wave functions which are known to represent the system in 
some extreme configuration. For the hydrogen molecule we might 
choose a set of hydrogen-atom wave functions which would represent 
the molecule when the two atoms are very widely separated. We 
can then approximate the unknown wave function as a linear com¬ 
bination of these known functions 

</> = S (1) 

n 

where the 4/nS are the known wave function and the Cn’s are a series 
of constants whose values are to be determined. The energy of the 
system represented by </> will then be given by 

E = J dr ( 2 ) 

where H is the complete Hamiltonian of the system obtained by the 
set of rules mentioned in Chapter II. Now it can be shown that E 
must be an upper limit to the energy, TFo, of the ground state of the 
system. If the \pn&, and the CnS are so chosen as to make <f> the true 
wave function of the system, then E — TFo; if, however, this has not 
been done, then E > Wo- The problem then becomes one of ad¬ 
justing the values of the CnS for a given set of ^,/s so as to make E 


* Heitler, W., and London, F., Z, Physik, 44, 455 (1927). 

* James, H. M., and Coolidge, A. S., J. Chem. Phys., 1, 825 (1933); 3, 129 
(1935). 

* P'or a more detailed exposition of the quantum mechanical parts of this 
book the reader is referred to: 

Dushman, S., Elements of Quantum Mechanics. John Wiley & Sons, New 
York, 1938. 

Pauling, L., and Wilson, E. B., Introduction to Quantum. Mechanics. 
McGraw-Hill Book Co., New York, 1935. 

Heilman, H., Einfiihrung in die Quantenchemie. Franz Deuticke, Leip¬ 
zig u. Wien, 1937. 

Van Vleck, J. H., and Sherman, A., “The Quantum Theory of Valence,” 
Rev. Mod. Phys., 7, 167 (1935), 
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a minimum and then revising the selection of the and repeating 
the adjustment of the CnS to a new minimum value of B which should 
be lower than the first. This process is to be repeated until this 
minimum value of E can no longer be reduced. It should then bci a 
fairly close approximation to the ground state energy of the system. 
The adjustment of the Cn values for a given selection of (i.e. for 
a given <t>, called a variation function) is accomplished in a straight¬ 
forward way by setting the first derivative of E with respect to c„ 
equal to zero for each value of n and solving the resulting system of n 
simultaneous equations for the same number of values of Cn. In 
the course of thci solution of this set of n simultaneous equations, a 
determinantal equation of nth order for the value of E is obtained. 
From this result 7i values of E, some or all of which may be the 
same. The lowest value corresponds to the most stable state. The 
others may bc^ excited states of the system. The selection and revi¬ 
sion of th(^ however, is not such a simple and straightforward 
procedure. So far, here again, two points of view have been de¬ 
veloped: the method of molecular orbitals of Hund, Mulliken, et aL, 
and the mc‘thod of atomic orbitals of Heitler, London, Slater, and 
Pauling.' In the method of molecular orbitals, the wave function 
of a molecule may be set up as a product of molecular orbitals, a 
molecular orbital being the wave function of a single electron in the 
molecular field of the fixed nuclei. This implies that the electrons 
have no interaction with each other and that their states are entirely 
determined by their interaction with the nuclei. Thus the complete 
wave function of a molecule containing n electrons is given by 

^ = ^i(1)^2(2)^3(3)....^„W (3) 

where ^i(l) is molecular orbital number 1 containing electron 1. 
Each molecular orbital can be considered as made up of a linear 
combination of the atomic orbitals. Take for example two atoms A 
and R, each with a single valence electron in equivalent states (e.g., 
s states); then ^i(l) could be represented by 

V'i(l) = aMD + (4) 

and ^ 2 ( 2 ) would be 

^ 2 ( 2 ) = aM2) + b^B(2). (4a) 

The wave function of the molecule is then 

= Io^aH) + + b4'B(2)], 

^ For a critique of these methods, see Van Vleck and Sherman, Ref. (6). 
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which leads to 

'i' = aV^(l)^^(2) + + a6[^^(l)^B(2) + ^«(1)^^(2)]. (6) 

In this expression, for the wave function of the molecule AB, the 
term is taken to represent a state in which both electrons 

are associated with atom A, i.e. an ionic state such as might be 
represented by A~^B ^. In the same manner ^«(l)^w(2) would corre¬ 
spond to a state A^B , while ^. 4 (l)^ft( 2 ) would represent a purely 
homopolar state A^B^ in which the electrons are evenly distributed 
between the two atoms. The state represented by ^«(1)^4(2) is 
one of identical energy with ^^(1)^«(2), since tlu' electrons are so 
far indistinguishable. Thus the molecule AB should exhibit the 
properties of the stiuctures A~B^\ BT, and A^B^, and the re^lative 
extent to which these properties will be exhibited will depend on the 
relative values of th(‘ coefficients a and h. Let us suppose for the* 
moment that the atoms A and B are identical, say two hydrogen 
atoms. Then a — l/ = ab^ and the two ionic states should con¬ 
tribute equally and to the same extent as each of the homopolar 
states. ITe electronic distribution would be symmetrical and there 
would be no permanent dipole, which is actually the case. But the 
hydrogen molecule certainly exhibits very little or nothing of the 
properties of H^H“. This state must be of considerably higher 
energy than the purely homopolar st-ate (the ionization potential of 
H is 13.5 volts, while its ekictron affinity is only 0.7). This same 
overemphasis on the ionic contributions appears in other symmetrical 
molecules such as methane. This is due to the complete neglect of 
the interaction between the electrons, the repulsion represented by 
the e^/ri 2 term in the Hamiltonian. 

The method of Heitler and London, on the other hand, neglects 
the ionic terms completely and represents the wave function of the 
molecule ABhy 

= c[^^(l)^^(2) + ^i,(l)^^(2)], (6) 

that is, in terms of the homopolar states alone, assuming that the 
electronic repulsion will never permit the two electrons to be asso¬ 
ciated with the same atom. This is clearly not true for such a mole¬ 
cule as HCl, which certainly exhibits something of the properties 
which would be expected of H"^CF. 

In general, we can say that the method of molecular orbitals will 
be more nearly applicable to cases of atoms of higher nuclear charge 
and smaller internuclear distances where the electron-nuclear inter- 
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action will be large compared to the electronic repulsions, while the 
Heitler-London method will more nearly approximate the truth for 
larger distances and smaller nuclear charge. The intermediate cases, 
which after all are thci ones most frequently met in chemistry, can 
be approximated by including both types of terms with independent. 
cooffi(;ients which are to be determined by one of the previously 
mentioned methods. 

13b. The hydrogen molecule. Since th(^ solution of the problem 
of the ground state of the hydrogen molecule involv(is most of the 
ideas concerning valence and the electron pair bond with which we 
will be concerned, we will examine this case a little more closely. 
The system, consisting of two protons and two electrons, is shown in 
Figure 3. 



Figure 3. Internuclear and electronic distances 
in the hydrogen molecule 


When the two atoms A and B arc far apart, the wave function of the 
system can be taken as the product of two normal hydrogen atom 
functions: i.e. electron No. 1 in a Is orbital on 

nucleus A and electron No. 2 in a Is orbital on nucleus B. But 
since the electrons are as yet identical, an equally good wave function 
would be = ^i«.4(2)^isb( 1). So we can take as a first approxi¬ 
mation some linear combination of these two to represent the system 
as the distance Rau grows smaller: 


= Ci^^i + Cii'j'ii. (7) 

In the course of the solution for Cj and Cu by one of the aforemen¬ 
tioned methods (Heitler and London used the perturbation method) 
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a quadratic equation is obtained which yields two values of th(^ 


energy 

Ws = 

Hii + Hrn 

(8) 


1 + A2 

and 

TFa = 

Hii-Hju 

1 - A2 

(8a) 


corresponding to two possible sets of th(' constants: 

and 

giving the two wave functions 

M's = + ^,.,(2¥u«(l)) (10) 

V2 + 2A2 

and 

= -7S-W- ('/'im(1¥i.b(2) - (10a) 

V2 — 2A^ 

where 


= 

J dr 

(11) 

Hin = 

J dr 

(12) 

A^ = 

J 

(13) 

//ii = 

^Alil ; = ^lil 

(14) 


The energies TFs and TUa shown in Figure 4 (curves S and A 
respectively), plotted as a function of the internuclear distance Rab- 
The two isolated hydrogen atoms are taken as the zero of energy. 
A system whose energy is less than this (i.e. negative) would be more 
stable, and a system whose energy is greater than this (i.e. positive) 
would be less stable, than two isolated atoms. The curve showing 
a minimum (S) then represents the stable hydrogen molecule whose 
wave function is The subscripts A and S indicate states which 
are antisymmetric and symmetric, respectively, with respect to the 


(9) 

(9a) 
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co-ordinates of the electron. A wave function is said to be sym¬ 
metric if interchanging the electrons leaves the wave function 
unchanged, and antisymmetric if the sign is changed upon inter¬ 
change of the electrons. Another statement of the Pauli principle 
is that a wave function which represents a possible state must be 
completely antisymmetric in the electrons. So far we have not yet 
(considered the effect that the electron spin will have on these wave 
functions. In order that these wave functions satisfy the Pauli 



R 


Figure 4. Potential energy curves for the hydrogen molecule. 

principle, they must be antisymmetric when the spin functions are 
introduced. This requires that the state which is symmetric with 
respect to the positional co-ordinates of the electron, must be 
antisymmetric with respect to the spins so that the final wave func¬ 
tion including spin will be antisymmetric. For the antisymmetric 
orbital wave function the spin function must be symmetric. 
This brings us to the important conclusion that the spins of each of 
the pair of electrons must be opposite if the two atoms are to come 
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together to form a bond (curve S, Figure 4). If the spins are the 
same, the two atoms will not form a bond but will repel each other 
at all distances (curve A, Figure 4). 



Figure 6. Electron distributions in the repulsive state (upper figure) and 
attractive state (lower figure) of the hydrogen molecule. Each line represents 
a contour of constant electronic density increasing with the numbers (after 
London). 

Recalling the interpretation which has been placed on we can 
now examine the negative charge distribution in the two states of 
the hydrogen molecule represented by • This is shown in 

Figure 5, in which each contour line is drawn through all the points 
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of constant density given by the number (in arbitrary units) asso¬ 
ciated with that line. These represent the charge distribution in 
any plane through the molecule, including both nuclei. In the 
attractive state (^s) there is a piling up of charge between the two 
atoms, whereas in the repulsive state ('La) the reverse is true (the 
electrons tend to stay away from the region between the atoms). 

The experimental value for the internuclear distance in the hydro¬ 
gen molecule is R = 0.74 A with a dissociation energy of Z> = 4.72 
e.v. The values obtained from the above calculation of Heitler- 
I.»ondon-Sugiura are 0.80 A and 3.14 e.v., which is not a bad agree¬ 
ment. But it should be remembered that in the approximate wave 
function (equation 10) only purely homopolar terms were used with 
an effective nuclear charge of 1. On the other hand, the extreme 
molecular orbital approximation for the wave function, in which the 
ionic terms are given equal weight with the homopolar ones, gives 
even poorer agreement. From the i)rcvious discussion we have seen 
that, since both of these methods are only approximations, we arc 
not forced to use either one to the complete exclusion of the other. 
In fact, the variational method permits the use of any functions 
whatever with as many adjustable parameters as we need to achieve 
the minimization of the energy. This in fact has been done by 
James and Coolidge,^ as we shall see later, but first wo shall consider 
other approximate wave functions obtained by less radical adjust¬ 
ments of the ones we have already used. Three' changes have been 
made in the Heitler-London wave function, Tg, independently and 
together, which have produced dissociation energies and internuclear 
distances of different degrees of agreement with the experimental 
values. In the first place, when the nuclei are close together the 
electrons will be moving in a positive field somewhat different from 
that of a single nucleus. This differences was introduced into the 
calculation by allowing the effective nuclear charge to become one 
of the variable parameters in the variational calculation. This was 
done by replacing Ze by Z^e in all the hydrogen atom wave functions 
that are used. Secondly, as the two atoms approach each other, 
they will mutually polarize each other; i.e. the electronic cloud of 
one atom will be distorted in the direction of the other. This effect 
is simply due to the polarizability of an atom which is observed experi¬ 
mentally in terms of the index of refraction, and as the van der WaaLs 
force. It is introduced into the calculation by allowing the 2p orbital 


*Ref, (5), Chapter III. 
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to contribute to the state of the atom. This is accomplished by using 
as the atomic wave function a combination of Is and 2p orbitals, 
4^18 + <nl/ 2 p in place of just the Is orbital where <r is a parameter 
determining th(' extent of the 2p contribution. And, finally, the 
ionic terms mentioned earlier are introduced with the coefficient (7, 
which determines the extent of their contribution. The entire bond¬ 
ing wave function , including these additional terms, can then be 
written analogous to equation (5): 

I 

+ <xl4'2py((l)4'U^(2) + ’/'1.0^(1)’/'2p/,( 2) + \^l«ft(l)^2px(2) + l/'2pj3(l )^1 m(2)] 

if 

m 

+ + rPu„(l)^Usi2)][ ( 16 ) 

IV 

The constant N is the normalization factor which is adjusted so as to 
make satisfy the relation = 1. Each of the atomic orbitals 
appearing in this expression is now to be considered as a function of 
an effective atomic number Z' instead of Z = 1. The energy will 
now be minimized with respect to each of the throe variational 
parameters, Z', <t, and C, and thus their best values determined. 
This function will reduce to the original Heitler-London approxima¬ 
tion if Z' = 1, (7 = 0, and C = 0; i.e. term I represents the purely 
homopolar bond without distortion. If Z' = 1, C = 1, and <7 = 0, 
the extreme molecular orbital approximation will result, in which 
the ionic terms, represented by IV, are given equal weight with the 
homopolar terms. Term II represents the mutual distortion of the 
two atoms in the homopolar state by permitting the electron on one 
nucleus to be in a 2p state while that on the other is in a Is state. 
Term III is a second-order distortion effect in which both electrons 
are in 2p states on either nucleus. The distortion effects in the ionic 
terms which would be represented by functions like ^ 22 Jx(l)^ 2 p^( 2 ) are 
terms of even smaller order since they would represent both electrons 
on one nucleus and in excited (higher) states at that, so they have 
been omitted. The results obtained by assuming various values for 
one, two, or all three of these parameters and performing the varia- 
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tion calculation on the remaining ones are given in Table 4, together 
with the values assumed or obtained for the several parameters. 

In Figure 4, curve S corresponds to approximation (1) of Tabk? 4 
and curve I to approximation (9). Curve E is experimentally de¬ 
duced from spectroscopic evidence and accepted as the true repnv 


Table 4 


APPROXIMATIONS FOR THE Hz MOLECULE 


No. 

Author 


a 

£ 

nCo.v.) 

b(A) 

(1) 

Hcitler-Londoii-Susiura . 

1 

0 

0 

3.14 

0.80 

(2) 

Extreme molecular orbital 

1 

0 

1 

--2.65 

'-.SO 

(3) 

Wang. 

1.166 

0 

0 

3.76 

.76 

(4) 

Molecular orbital. 

1.193 

0 

1 

3.47 

.73 

(5) 

Rosen. 

1 

0.10 

0 

3.35 

.88 

(6) 

Rosen. 

1.10 

0.10 

0 

4.02 

.75 

(7) 

Weinbaum. 

1 

0 

0.158 

3.22 

.88 

(8) 

Bethe. 

1.10 

0 

1 

3.46 

.73 

(9) 

Weinbaum. 

1.103 

0 

0.256 

4.00 

.76 

(10) 

Weinbaum. 

1.190 

0.07 

0.176 

4.10 

.77 

(11) 

James and Coolidge. 




4.722 

.74 

(12) 

Experiment... .... 




4.72 

.7395 
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sentation of the hydrogen molecule. Curve C represents the result 
which is obtained for a wave function of the type 

( 16 ) 

the energy of which is given by Hu (equation 11). This represents 
the hydrogen molecule without the possibility of interchange of the 
electrons which is permitted by the wave function of equation 10 
and which has as a consequence an additional energy Hi n (equation 
12). Hii is called a coulombic integral because it represents the 
purely coulombic interaction of the two atoms, while Hj n is called 
an exchange integral because it results from the possibility of the 
interchange or exchange of the positional co-ordinates of the elec¬ 
trons. This phenomenon of exchange of co-ordinates is known as 
resonance, and the difference in energy between a pure state [repre- 











58 


MOLECULAR STRUCTURE 


ICh. Ill, §13() 


sented by curve C, Figure 4 (equation 16)] and one permitting this 
resonance, curve S, Figure 4 (equation 10), is called the resonance 
energy, R,E, If we desire a more detailed picture of this i-esonance, 
we must imagine the electrons exchanging places with a frequency 
given by 2 R.EJh, which is of the order of 10^® sec." \ When it is 
possible to describe a system by more than one state of the same 
energy, such as \^i«^(l)\^i.^,(2) and ^i«^(2)\^i,g(l) for the hydrogen 
molecule, it is said to be degenerate, and the dc^gree of d(?generacy 
is measured by the number of such states which are possible, all 
having an identical energy. The best resonance occurs only among 
totally degenerate states; however, it is possible to have states whose 
energies are only slightly different (nearly degenerate) also in reso¬ 
nance. Their participation and the resulting energy differences are 
considerably smaller than for totall}^ degenerate states. This is 
exemplified in the case of the hydrogen molecule by the large differ¬ 
ence between curves C and S, which is the R.E. introduced by the 
equivalent contributions of the totally degcaierate stales and 
(equation 7) and the much smaller R.E. introduced by the small 
contribution of the ionic states ^i,^(l)i^i8^(2) and ^ 18 b (1 )’Ai«/i(2) given 
by the difference between curves S and 1. 

It must be remembered that, fundamental as this phenomenon of 
exchange is, it appears only as a result of the necessity and the meth¬ 
ods of approximation. James and Coolidge, by changing the system 
of co-ordinates and including the rn terms of electron repulsion, 
obtained the best solution of the Ha molecule. Their curve corre¬ 
sponds almost exactly with the experimental one, and no exchange 
integrals of the type of Hi u appear in their calculation. 

Thus we have from the quantum mechanics a mechanism for the 
Lewis shared-electron-pair bond: a pair, because of the Pauli prin¬ 
ciple, which permits only two electrons with opposite spins to occupy 
a single orbital, and shared because of the simultaneous interaction 
of each electron with both nuclei. 

13c. The one-electron bond. There is another type of bond which 
is possible in certain special cases and which also owes its stability 
to the phenomenon of exchange degeneracy. This is the single elec¬ 
tron bond which is responsible for the existence of the hydrogen 
molecule ion,® in gas discharge tubes. Here we have a single elec¬ 
tron which can exist in an atomic orbital on either nucleus. This 
one state would be simply xf'UA and proton B. But an equally good 


® A third type, called the three-electron bond, has been observed in 1162'^. 
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state would be and proton A. The coulombic energy oorre- 
Hponding to either of these states is identical and gives repulsion at 
all distances. (The corresponding pure state of the H 2 molecule 
gave a very weak bond, curve C, Figure 4.) If, however, one 
constructs a linear symmetric combination of these two totally 
degenerate states— 


4>s = - 


y/2 + 2A2 


ii'UA + ypus) 


(17) 


—the resulting cnergy-internuclear distance plot shows a minimum 
Rab = 1.32 A to a depth of 1.77 e.v. The experimental values 
are Rab = 1.06 A and D = 2.78 e.v. This wave function has been 
improved in much the same way as was done for the hydrogen 
molecule, and complete agreement has been obtained. In this case 
w(^ see that practically the entire bond energy can be attributed to 
R.E.^ but it is a considerably weaker bond than the electron-pair 
bond. In addition, there is a fundamental difference in the nature 
of the two degeneracies. In the H 2 '^ ion the two states are totally 
degenerate only if the orbitals on the two nuclei are of identical 
energy. This is generally the case only if the two nuclei themselves 
are identical. And so we may not expect one-electron bonds between 
any but identical nuclei. The electron-pair degeneracy, however, 
is not subject to this limitation. Since in either of the two constit¬ 
uent states, or ^n, there is always an electron in each orbital; 
and since the electrons are indistinguishable (except for spin), the 
energies of the two states will be identical even if the two orbitals 
have different energies, and we may thus expect strong electron-pair 
bonds even between dissimilar atoms. 

13d. Bond dipole. There is another important effect, however, 
which appears in the electron pair bond between dissimilar atoms. 
We have seen that, even in the case of the hydrogen molecule, ionic 
terms like and H“H+ make a small contribution, but that the 

two ionic states are identical, and hence that their contributions are 
equal and their electrical dissymmetry cancels out, producing an 
electrically symmetrical molecule. On the other hand, if the two 
atoms are not the same, the contributions of and A~B~^ will 

in general not be the same, since the ionization potentials and electron 
affinities are usually different and, moreover, the dimensions of the 
charge distributions about the two atoms will be different so that 
an electrically unsymmetrical molecule will result and a dipole will 
be observed experimentally. 



60 


MOLECULAR STRUCTURE 


[Ch. Ill, §13el 


It will be remembered that the Lewis theory obtained dipolar 
structures on the assumption of a tetrahedrally distributed electron 
density. The quantum mechanics can obtain a bond dipole by a 
variation of the relative contribution of the ionic, homopolar, and 
polarized states of the bonding pair of electrons, irrespective of any 
assumption concerning the distribution of the other electrons. This, 
however, is not a denial of the tetrahedral configuration of the carbon 
valences. In fact, justification has been obtained for the equivalent 
tetravalence of carbon and for the directed nature of the electron- 
pair bond in general, a concept which is of such fundamental im¬ 
portance in all of organic structural chemistry. 

13e. The tetrahedral carbon atom. The carbon atom in its normal 
state has a pair of 2s electrons and two unpaired 2 p electrons. This 
should lead to a divalent carbon atom, since only the unpaired 
electrons could form bonds with other atoms. If, however, the 
coupling between the 2s pair is broken and one of these electrons 
promoted into the remaining 2 p orbital, four unpaired electrons 
would result, three 2 p electrons and one 2 s electron. The energy 
required for this promotion would be forthcoming in the much larger 
amount of energy released by the four bonds which would be formed. 
But, if this were actually the case, it might be expected that three 
of the bonds (2p electrons) would be different from the fourth (2s 
electron), since the spatial distributions of the three 2 p electrons are 
mutually perpendicular while the 2 s orbital is spherically symmetrical 
(see Figure 2, Chapter II). This difference is certainly not observed 
in carbon. 

It can be shown that if two atoms are to combine to form a bond, 
the exchange integral (and hence the bond energy) will be greatest 
for that condition in which there is the greatest overlapping (i.e. the 
largest value of the non-orthogonality integral, A^, equation 13) of 
the two orbitals concerned. Thus the molecule which has two un¬ 
paired 2 p electrons whose distributions are mutually perpendicular 
would be expected to form two bonds with the Is (spherically sym¬ 
metrical) orbitals of two hydrogen atoms with an angle of 90° between 
them. Actually the angle in the water molecule is 106°, but this 
can be attributed to the repulsions of the hydrogen atoms and of 
the bonded orbitals. Following this we would expect the simple 
promoted carbon atom to have three mutually perpendicular valences 
and a fourth undirected valence. Pauling^® resolved this difficulty 

Pauling, L., J, Am, Chem, Soc,^ 63, 1367 (1931); see also Slater, J. C., 
Phys. Rev,, 37, 481 (1931); 38, 1109 (1931). 
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by a process called hybridization of the orbitals. If the difference 
in the energy of a 2s and a 2p orbital is neglected by comparison with 
the energy of bond formation, the four electrons can be interchanged 
among the four possible orbitals, ^ 2 ., ^ip., and the resulting 

four orbitals can be represented as four different linear combinations 
of the original ones. These are 

= a ,-^28 + + c.i^ipy + di\l/ip ^, i = 1, 2,3,4 (18) 

together with the conditions of normalization and orthogonality, 

f fi dr i.o., a- + />• + o + = 1, i = 1,2,3, 4, (19) 

and 

= 0; i.e., Uidj + hibj + c^Cj + d^dj = 0, 

i or j = 1,2,3, 4, i 9^ j. (20) 

If it is now assumed that the s orbital contributes equally to each of 
the four hybridized functions, then a\ — and the angle between the 
directions of maximum extension of any two of the resulting four 
equivalent orbitals is just the tetrahedral angle 109°28'. 



Chapter IV 


GROUP INTERACTION 

14. GROUP INTERACTIONS WITHOUT CONSIDERING RESONANCE 

A structural formula of a compound is not only a representation 
of the space relationships of atoms and electrons; it is also a short¬ 
hand description of methods available for its synthesis and of the 
chemical and physical properties of the compound. As a first 
approximation, the component parts or groups in the structural for¬ 
mula are associated with definite properties, and a summation of 
these group properties describes those of the compound. 1"hus the 
property of addition of bromine is associated with the carbon-to- 
carbon double bond. Acidity and ability to be csterified are asso¬ 
ciated with the carboxyl group. So the formula 

0 

II 

CH 2 =CH—CHs—C -0 -H 

shows that the compound represented adds bromine, is an acid, and 
can be esterified. 

14a. Steric hindrance. The space relationships represented by a 
structural formula affect the characteristic properties of a group. 
Like molecules, groups attract or repel each other at small distances. 
Also, a molecule reacting with a group may have to come so close to 
another group that it is subject to forces from this second group. 
The commonest forces involved are repulsions, and the effects pro¬ 
duced are called steric hindrances. Thus the esterifications of ortho 
substituted benzoic acids are abnormally slow, and this phenomenon 
has been attributed to the steric hindrance of the ortho substituent. 

The existence of optical isomers of tetra- and tri-ortho substituted 

diphenyls, 


R R 
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is an excellent example of steric hindrance. Normally the rotation 
about a single bond is sufficiently easy to make the isolation of isomers 
differing only in the degree of rotation about such a bond impossible. 
But, in compounds of this type, when the two benzene rings are in 
the same plane, the ortho substituent groups arc so close that they 
strongly repel one another. The rings are therefore not coplanar and 
can pass through the coplanar configuration only with considerable 
difficulty. If the sides of neither ring are equivalent, the molecule is 
asymmetric, and racemization is difficult, as it necessitates a rotation 
through the coplanar configuration. 

14b. Negativity. When chemical properties are expressed quanti¬ 
tatively, by rate and equilibrium constants, by heats of reaction, 
etc., it is found that a property associated with a group varies from 
one compound to another even when the variation could not be 
attributed to steric hindrance. All substituent groups affect the 
properties of a group and th(\se effects are transmitted through the 
intervening groups. So it is necessary to include among the prop¬ 
erties of a grouj) its ability to influence the reactions of other groups 
and its ability to transmit the effects of one group upon another. 
Thus the acidity of the carboxyl grouj) is enhanced by a substituent 
chlorine atom. This enhancement of acidity is one of the properties 
that has to be associated with the group —Cl. The enhancement of 
acidity by a chlorine atom is transmitted across a double bond more 
readily than across a single bond, and this high conductivity is one 
of the characteristic properties of unsatiirated groai)s. 

Groups that are largely composed of negative elements or are 
positively charged are often similar in their influence on the properties 
of other parts of a molecule. They increase the ease of obtaining a 
negative charge on another group. This j:)roi)erty has been called 
the negativity of the group. It is now generally attributed to a 
positive charge or to a group dipole with the j)ositive pole directed 
to the reacting part of the molecule. The groups —Cl, — CCI 3 , 

4- 

—NO 2 , —COOH, and — NHg are examples of highly negative groups. 

14c. Polarity and induction. The distribution of electricity in a 
molecule is shown in part by a Lewis electron structural formula. 
When the uneven sharing of bond electrons is read into the picture, 
the electrical distribution is more completely depicted. We have 
seen that this uneven sharing of bond electrons can be attributed to 

the contribution of the ionic form in bond formation. Thus in a 
— + + — 
Cl—C bond the Cl C component contributes more than the Cl C 
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one, and the carbon atom is positive with respect to the chlorine 

1 2 

atom. Should this carbon atom be attached to another, C—C—Cl, 
12 12 12 

the C :C component of the C—C bond is more stable than the C: C 
1 2 

component and C as well as C acquires a positive potential from the 

1 

C—Cl bond. This effect is a second-order one and hence C is less 
2 

positive than C. This effect is carried on ad infinitum through a 
chain of bonded atoms but with constantly diminishing intensity. 
If a bond contains a high contribution of both kinds of ionic com¬ 
ponents, the effect is transmitted readily. Thus in a double bond 

_i_ — — ^ 

the semipolar forms (e.g., C—C, C—C, in C=C) have relatively 
higher contributions to the bond than the ionic components of a 
single bond, and a double bond conducts the effects of group)s more 
readily than does a single bond. The conductivity of a chain for the 
chemical effect of a group is due to its electrical polarizability. 
From the above discussion it can be seen that if in 

CHs—CH2—COOH 

the methyl group is replaced by a chlorine atom, a positive charge 
is imposed on the a carbon atom and that this effect is transmitted 
through the chain to the oxygen atom, with the result that hy¬ 
drogen ion is more easily dissociated from CICH2COOH than from 
CH3CH2COOH. This is the effect that would be expected from the 
assumptions that a chlorine atom is a strongly negative group and 
that a negative group increases the strength of an acid. 

A positive formal charge on an atom would also increase the posi¬ 
tive charge on an atom bonded to it, and the effect would be trans¬ 
mitted in the same way as that of an electrically neutral but chemi¬ 
cally negative group. 

The electron theory of bonds therefore gives a mechanism for the 
effect of a group on the reactions of a distant group. This property 
of the group we shall call its polarity, and the above method of trans¬ 
mission we shall call induction. Sometimes the property and its 
transmission are taken as a whole and called the inductive effect of 
the group. The polarity of a positive charge has the effect of what 
was called a negative group. The polarities or inductive effects are 
the same group properties that were previously called their nega¬ 
tivities. The idea that the negativities of groups were due to their 
electrical character preceded the theory of the shared-electron bond. 
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Since the polarity of a group is due to an electrical charge or 
dipole, its effect on a distant group is transmitted through the inter¬ 
vening space or solvent as well as by induction through the chain. 
This effect has been distinguished by calling it the direct effect. 
The direct effect is dependent on the spatial configuration of the 
molecule rather than on its structural formula. Since the spatial 
configuration is largely affected by steric hindrance, the effect of the 
latter is often an indirect action, through its influence on direct 
effects. For an example, see the discussion of the dissociation con¬ 
stants of dialkyl malonic acids (page 226, Chapter VI). 

We have seen that the nature of the effect of the polarity of a sub¬ 
stituent group on the dissociation of an acidic group is a natural 
consequence of the theory, but this is not true of all its effects. We 
can say that the polarity of a substituent group must have some 
influence on the speed of alcoholysis of a benzoyl chloride; but which 
polarity increases the speed can only be deduced when a complete 
theory of the reaction is known. Generally it is easier to determine 
experimentally the type of polarity that increases the speed, and then 
assume similar effects for similar polarities, together with some 
quantitative relationship between polarities and their effects. 

14d. The Hixon-Johns method. The interesting method used by 
Hixon and Johns^ often brings out the similarities of the effects of 
groups on various general reactions. At the same time it gives a 
numerical measure of the attribute of the groups whereby they affect 
the behavior of other groups. This method is not dependent on any 
theory of the attribute other than that it has a constant value for a 
given group and is the only cause of the observed effects. The 
failure of the method to give approximately correct results in any 
particular case is indicative of some other way in which one group 
may affect another. 

This method may be described as follows: If the equilibrium or 
velocity constant of a reaction characteristic of a group R is measured 
for a set of compounds X'Ry etc., and the values are 

located on any simple curve with an undefined abscissa, the pro¬ 
jections of the points on the abscissa are values of an attribute of the 
groups X', X", X'", etc., whereby they influence the chosen reaction 
of R. With these values a curve can be obtained for the effects of 
X', X", X'", etc., on another property of X'R, X"R, X'"ftoron 
any property of another set of compounds, X'J?', X"R\ X'"/?'. 

1 Hixon, R. M., and Johns, I. B., J. Am. Chem. Soc., 49, 1786 (1927), 
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Figure 6. Logarithms of the dissociation constants of XOII and 
XCII 2 CH 2 COOH compared with the logarithm of the dissociation constants 
of A'CH2C00H. The position for NO 2 on the abscissa was fixed by the 
value of the dissociation constant of NO 2 CH 2 CII 2 COOH and the line for 
log K of XCH 2 CH 2 COOH. The abscissa corresponds to a quantity meas¬ 
uring the effect of the group as determined by the 45® line on the acetic 
acids. 


In general, the second curve can be constructed from only a few 
measurements and approximate values obtained for the missing com¬ 
pounds by extrapolation. The power of this method is increased by 
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the possibility of obtaining the values of the attributes of complex 
groups as functions of those of simpler groups. 

To exemplify both the success and failure of the method, we have 
plotted in Figure 6 the logarithms of the dissociation constants of 
the acid types X—CH 2 COOH, X—CH 2 CH 2 COOH and X—OH 
against the attribute of X. The logarithm of the dissociation con¬ 
stant of X—CH 2 COOH was arbitrarily taken as a linear function 
of the attribute of X, and the values of the attribute for various 
groups were obtained from this curve. The curves for 

X~-CH2CH2C00H and X—OH 

were drawn from the points X = H, X = HO, and X == Cl. 
It can be seen that the experimental points fit the curve for 
X—CH 2 CH 2 COOH very well, but the experimental points for the acids 

O 

II 

CsHb—OH, OH,C^ OH, CO 2 H-OH, and NOj—OH 

do not come anywhere near the curve for A" -OH. These acids have 
anomalously high dissociation constants. ’ This anomaly should not 
be attributed to steric hindrance. 

16. CONJUGATION 

It is necessary to assume that the effects of groups on each other 
cannot be due entirely to the polarities of the groups. Thus, in the 
example shown in Figure 6, the CeHa, CH3CO, CO2H, and NO2 
groups, apart from their polarities, profoundly affect the negatively 
charged oxygen atoms in the ions CeHbO", CHsCOO”, COaH”, and 
NOs”. These interactions are shown by other peculiarities of the 
ions. The formulas 

0 0 0 

CHs—c—0-, HO—c—0-, -0—Jr+—o- 

show a lack of equivalence of the oxygen atoms, but X-ray studies of 
the salts of these ions fail to reveal this lack of equivalence. The inter¬ 
actions of the groups have made the standard formulas inadequate. 
This phenomenon is not restricted to a few compounds. One of the 

* It could also be claimed that HOOH and Cl—OH are abnormally weak. 
There are, however, other reasons for locating the abnormality in the un¬ 
saturated acids. 
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most striking cases is that of benzene. The three ethylenic groups 
so interact with one another that the heat of combustion fails 
to show the existence of any of them. Approximately 40 kcal. 
per mole of energy are missing in benzene. The carbon atoms 
appear to be evenly spaced instead of separated alternately by the 
double and single bond distances implied in the standard formula 

CH=CI1 

/ \ 

HC CH. 

CH~CH 

The isomerism 

R R 

I I 

C—CH 




/ \ 

R—C 

CH 

and R —C 

CH 

\ 




CH=CH 

CH--CH 


has not been found. The standard formula for benzene is a quite 
inadequate description of the compound. In other cases it is found 
that the formula is inadequate only for special purposes, but gives a 
fair approximation of many of the properties. Thus in the reaction 
Bra + CH 2 =CH—CH=CH 2 BrCHa—CH=CH—CHaBr, the 

product is not that which would be obtained in a normal addition of 
bromine to a double bond; but the heat of combustion of 1,3-buta- 
diene is only a few thousand calories less than would be expected from 
the formula. 

Thiele devised the theory of conjugation for these special interac¬ 
tions between groups. In this theory the idea of a bond as a specific 
attraction between two atoms is discarded, and A. Werner’s^ theory 
of an atom radiating aflSnity with spherical symmetry is adopted. 
In an ethylene, the double bond represents the neutralization of less 
than half the affinity of the two carbon atoms. This leaves residual 
affinity on these atoms. In a system of alternate double and single 
bonds, the residual affinities of the inner atoms combine across the 
single bonds, while those of the outer atoms are free to attract the 
atoms of the addend. As the addition proceeds, more and more free 
affinity is produced on the inner atoms and they combine more com- 


* Ref. (9), Chapter I. 
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pletely with one another, eventually producing a double bond between 
them. Thiele’s formula for 1,3-butadienc is CH 2 =CH—CH=CHo. 

It follows from Thiele’s theory that if six CH groups are arranged 
in a hexagon, the affinity from any one carbon atom combines equally" 
with the two adjacent atoms, as there is no necessity to divide the 
carbon valence into four definite parts. The affinities of the atoms 
are more completely satisfied in this way than they would be by 
alternate double and single bonds and the residual affinity is less. 
The heat of combustion of benzene is therefore less than would be 
expected from the Kekule formula. 

One may consider a carboxylate ion as 

0 “ 

R~~C 

\ 

()“ 

in which the positive charge is neutralized by combination of the 
carbon and oxygen atoms. If a valence is not specifically directed to 
a particular atom, there is no reason for the carbon atom to combine 
more with one of the oxygen atoms than with the other. The oxygen 
atoms are therefore equivalent. The formula may be written 

o. 

R C 

% 

O 

where a sloping dotted line is half a bond and a horizontal dotted 
line is half a negative charge. 

While the theory of conjugation removes many difficulties, the 
fundamental assumption of undirected and divisible valence presents 
as many problems as it explains. To mention only one, the affinity 
of only one side of the fluorine atom in CHsF is satisfied, but the 
compound is quite saturated and shows no signs of possessing a 
large amount of residual affinity. In Lewis’ electron formulas the 
bonds are, of necessity, specific. We shall see that this restriction 
has<*been modified in order to explain the same facts that led to 
Thiele^s theory of conjugation. Conjugation, with its assumption 
of divided bonds, is another though inadequate way of expressing 
the most modern theories of molecular structure. It appears that 
classical structural formulas do not adequately describe highly conju- 
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gated compounds when directed valences are assumed, and do not 
adequately describe compounds that are not conjugated when di¬ 
rected valences are not assumed. 

16. RESONANCE AND MESOMERISM 

16a. Mesomerism as a tautomerism. Amongst the phenomena 
attributed to conjugation is the failure to obtain as many compounds 
as are predicted from st ructural theory (e.g., only one o-xylene) and 
the actual equivalence of atoms that are not equivalent according to 
standard formulas (e.g., the equivalence of the oxygen atoms in a 
carboxylate ion). Earlier in the histoiy of structural theory keto- 
enol and similar tautomerisms presented the same problem. A 
smaller number of compounds was obser^^ed. The difficulty was re¬ 
solved by assuming tliat the apparent lack of isomers was not real. 
The right number of isomers existed but, owing to a rapid reversible 
isomerization, one obtained only one isomer in the solid state, and 
only the equilibrium mixture in more mobile states of aggregation. 
This theory was amply confirmed later by the separation of the 
isomers in many cases. 

However, the corresponding phenomena in conjugated compounds 
is accompanied by a variation in the properties from any weighted 
mean of the properties expected from the isomers. For instance the 
heat of formation of o-xylene is much greater than what would be 
expected from either of the formulas 



There are, therefore, two kinds of tautomerism; one is due to rapid 
equilibrium between isomers, and in the other only one substance 
exists corresponding to two or more structural formulas. The latter 
type of tautomerism is accompanied by a decrease in the energy of 
the molecule below the lowest energy that would be expected from 
any of the structural formulas. It has been called mesomerism by 
C. K. Ingold.^ The conjugated compounds are mesomeric sub¬ 
stances. 

The structural criterion that can be used to distinguish between 
mesomerism and tautomerism is that, if the tautomeric structures 


Ingold, C. K., Nature, 141, 314 (1938), 
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differ in the position of an atom, they correspond to isomers, but, if 
they differ only in the position of electrons, a single mesomeric sub- 
stance exists. Mcsomerism also (exists when the structures ar(‘ 
equivalent, and differ only with respect to tlu^ charge and bonding of 
atoms of the same element. In this (^ase there are no fewer isomers 
than are predicted by structural theory, but atoms that are not 
shown as equivalent by classical structures are so in reality. Thus 
() () 

R —C—0~ is mesomeric with R —C—0, though if two such isomers 
existed they would be chemically indistinguishable. Since these 
structures can change from one to the other by a shift of only an 
electron pair, the actual structure is some blend of these two in 
which the two oxygen atoms are e(pjivalent and the actual ion is 
more stable than would be expected from the formula 

() 

y/ 

R—C ()-. 

The change from one structure f.o another need not be so obviously 
a shift of electron pairs as in 

0 

y 

i?—C—0-, 

but the electron shifts may result in a change in the bonding ar¬ 
rangement as in 

\J \/ 

This also leads to a blended structure and a decrease in energy. 

The application of this theory to an otherwise obscure chemical 
phenomenon can be exemplified by the explanation of the existence 
of triphenylmethyl and similar free radicals by Professor and Mrs. 

Ingold.® The molecule (C 6 H 6 ) 2 C—^ might be expected to be 

tautomeric by a triad shift of the unpaired electron, the tautomers 
being 

(C«Ht)8C ^‘ and 

® Ingold, C. K., and Burton, H., Proc. Leeds Phil. Soc.^ 1, 421 (1929). 
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as well as the seven other forms equivalent to these but involving 
the other ortho position and the other benzene nuclei. As these tau¬ 
tomers are produced by a shift of electrons, they do not exist as iso¬ 
mers in equilibrium, but form a single structure of lower energy. 
The lowering of the enc^rgy is so great that hexaphenylethane readily 
dissociates into free radicals. 

This tautomeric theory pre-dated the application of quantum 
mechanics to the problem of conjugation.^ It was soon shown that 
mesomcrism can be deduced from the assumptions of quantum me¬ 
chanics and could be expressed in quantitative form. It is then 
called resonance. In fact the principle has already been used in 
Chapter III in discussing bond formation. In a Lewis formula the 
electrons are placed on an atom or in a bond, yet, as we have seen, 
a bond contains ionic components in which both bond electrons are 
assigned to one or other of the atoms. The extension of assigning 
electrons to one or other of two bonds leads to mesomerism. One 
may discuss the phenomenon of mesomerism or resonance either as a 
quantitative theorem in quantum mechanics or with the aid of the 
Lewis electron structure theory expanded by postulates. These 
postulates must be such as to recognize that the limitation of struc¬ 
tural formulation that permits electrons to be assigned only to an 
atom or a bond, is a greater restriction than exists in the molecule. 
The formula is only an approximate representation of the molecule, 
the approximation being close in molecules without much conjuga¬ 
tion between groups, but being far from the truth in highly conju¬ 
gated molecules. That we continue to use structural methods in¬ 
stead of quantitative deductions from quantum mechanics is due to 
the fact that the quantitative character of the^e deductions when 
applied to the complex problems of organic chemistry are formal 
rather than real. We have seen that the energy of only the very 
simplest diatomic molecule, H 2 , can be obtained by direct calcula¬ 
tion, and that, only by the use of very complex mathematics. At 
present more can be obtained by the inductive methods of structural 
theory. As, however, these methods can be greatly assisted by 
quantum mechanics, we shall discuss resonance and mesomerism 
from both points of view. 

• Arndt, F., Scholz, E., and Nachtwey, P., Rer., 67, 1903 (1924); Lowry, J. 
Chem. Soc.j 822, 1866 (1923); Robinson, R., et al.j J. Chem. Soc., 401 (1926); 
Lucas, H. J., and Jameson, A. Y., J. Am. them. Soc., 46, 2475 (1924); Ingold, 
C. K., and Ingold, E. H., /. Chem. Soc., 1310 (1926). 
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16b. Molecular resonance as an extension of the Lewis theory. 

Given any fixed arrangement of atoms, one may ascribe many Lewis 
electron distributions to it. Each of these show the electrons as 
either belonging to an atom or shared between two atoms. None of 
these formulas alone describes the true electron distribution, for all 
electron distributions having the same multiplicity^ coalesce to some 
intermediate arrangement of lower potential energy than that of 
any single one. This stable arrangement is most like the Lewis 
electron distribution of lowest energy. The difference between the 
energy of the most stable Lewis structure and the actual energy 
minimum is greater the more nearly equal the energy levels of the 
blended Lewis structures and the greater the number of these 
arrangements. The change in energy is also great when the distance 
moved by the electrons in going from one component distribution to 
another is small or is effectively small because it occurs by a series of 
transformations between nearly equal energy electron structures. 

The coalescence of the electron structures is called resonance. It 
is sometimes picturcnl as a vibration of the electrons between the 
various Lewis formulas. It is perhaps better not to assume any 
model for resonance, but to consider it as an axiom obtained by 
induction from the empirical facts of chemistry, or as a deduction 
from the axioms of quantum mechani(*.s. The component Lewis 
electron structures may have no existence otlic^r than as formulas on 
paper. 

The result of this hypothesis is that if for any given arrangement 
of atoms there is one Lewis structure whose energy is much lower 
than any other, this formula is a very close approximation both with 
respect to energy and electrical distribution to a true description of 
the system; but if there is no such unique structure, no Lewis formula 
adequately describes the system. 

Further, with a given arrangement of atoms we cannot have isom¬ 
erism that can be represented by different Lewis formulas that show 
the same multiplicity, but only by formulas with different numbers of 
unpaired electrons. For instance, with a fixed distance between two 
oxygen atoms there cannot be two isomers represented by the for¬ 
mulas :0:0: and :0:0:, but an isomer having the formula :0: :0: 
is possible. The two former formulas each show two unpaired elec- 

^ The multiplicity is obtained by adding one to the number of unpaired 
electrons. 



74 


GROUP INTERACTION 


[Ch. IV, §16bl 


trons and the structures must coalesce, but the last one has no 
unpaired electrons, and an isomer having this formula would not be 
forbidden by the postulates. 

The energy associated with any electron distribution, whether a 
true one or a Lewis form, is a function of the relative positions of 
the atoms. A description of the relative positions of the atoms 
involves a great many dimensions, hut we shall represent tliem by a 
single co-ordinate, g, and take it as the abscissa to plot the energy (E) 



-j -1 -1_ I I _IJ_ 1 _L. 

q Qa Qb 


Figure 7. Potential energies of electronic distributions as a function of 
atomic configurations. In each case curves A and B represent electronic 
distributions corresponding to two Lewis electronic formulas, and curve C 
represents the true electronic distribution. I and II show the existence of 
tautomers. Ill and IV show the existence of a mesomeric compound. 

against the configuration of the atoms. We have plotted in this 
way in Figure 7 the energy of two Lewis electron distributions, A 
and B, having the same multiplicity (curves A and B), and the 
energy of the true electron distribution (curve C). The energy corre¬ 
sponding to any Lewis electron distribution at any configuration is 
denoted by E with a subscript to indicate the electron distribution 
and the atomic configuration. Thus the energy minimum on curve A 
is EAqji* Fbr any given atomic configuration, the energy of the true 
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declron diHtribution is represented by E with only one subscript, 

. which corresponds to the atomic configuration. 

The energy of a Lewis electron distribution is at a minimum at 
some atomic configuration. The configurations at which electron 
distributions A and B have eiKirgy minima are marked Qa and qB 
respectively in the figure. At these minima the energies of the two 
Lewis electron distributions differ; but as the atomic configuration 
changes from Qa to the energi(‘s Ea and Eb approach each other 
and eventually become equal at qx, which may bci called the crossing- 
point configuration. The energy increase required to obtain this 
condition depends on the steepness of the energy curves A and B and 
on the difference betwe(ai the equilibrium atomic configurations qx 
and qit. This magnitude of the change in the energies of A and B 
from equilibrium atomic configurations to qx is an important factor 
determining the type of the energy curve obtained when resonance 
is introduced (curve C). Another important factor that determines 
curve C is the difference in energy for the Lewis electron distributions 
at their respective equilibrium atomic configurations, i.e. the differ¬ 
ence between Ea^,^ and EnqB* As the two factors are large or small 
we obtain the four cases shown in the figure. 

Cases I and III ani alike in that the differences between Eaqa 
and Ebqb are small. They differ in that in case I the Lewis distri¬ 
bution energies greatly increase as we go from ecpiilibrium to crossing- 
point atomic configurations, while in ease 111 this increase of energy 
is small. The true energy E is always less than the energy of the 
more stable Lewis electron distribution, and we can call this energy 
difference the resonance energy at the atomic configuration under 
consideration. At equilibrium configurations, the resonance energy 
is small, for Ea and Eb are very different. As the configurations 
are shifted from one equilibrium point to another, Ea and Eb ap¬ 
proach each other and the resonance energy increases. This increase 
in resonance energy tends to counterbalance the energy that is 
expended in changing the atomic configuration from an equilibrium 
point. If, as in case I, the Lewis electron distribution energy needed 
to depart markedly from qA or qs is large, it is not compensated for 
by the consequent increase in resonance energy, and between 
and qB the true energy, curve C, has a maximum. It will also have 
two minima. These minima in the true energy, curve C, are minima 
with respect to both electron distribution and atomic configuration. 
They correspond to definite isomers. 

The two minima in curve C lie at atomic configurations in each of 
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which Ea and Eb arc very different, and the resonance energy is 
small. The energies of the two isomers are approximately Ea and 
Eb respectively. Similarly, their electron distributions and atomic 
configurations are approximately A and qA for one isomer and B 
and qB for tlie other. There is a slight resonance which increases for 
small changes from the atomic configuration qA and qn more than 
Ea and Eb increase. The true energies, electron distribution, and 
atomic configurations arc therefore not quite those represented by 
Lewis formulas. In Figure 7 these small variations are depicted. 
The true equilibrium atomic configurations are shown as qAs and 
qBAi and the energies as Eq^^j^ and EqJ^^. The conditions given by C, 
qABi and Eqj^^ determine properties dependent only on the ground 
state, and these are approximately the same as the corresponding 
conditions A, and Eaqa of the Lewis theory. Case I is therefore a 
system for which Lewis electron formulas are adequate. 

In this system when the atomic configurations are greatly perturbed 
and brought closer to one another, the energies Ea and Eb are more 
nearly equal and resonance is large. At the maximum and the 
crossing points the energies and electron distributions are very 
different from those to be expected from Lewus electron formulas. 
At the atomic configuration corresponding to the maximum in curve 
C, any change decreases the energy. It therefore represents a 
metastable state through which the formation of one isomer from 
another must pass. In the diagram the energy and the atomic 
configuration of this state are represented by Eq^ and qt respectively. 
The importance of these quantities will become apparent when we 
discuss reaction rates in Chapters VIII and IX. 

Ri^sonance energy is gained when the atomic configuration is 
changed in such a direction as to tend to equalize the two Lewis 
electron distributions. In case III this gain always more than 
compensates for the accompanying increase of the energy of the 
more stable Lewis electron distribution. In consequence the true 
energy is at a minimum at some atomic configuration between qA 
and qs, and there are no minima in curve C that correspond to 
either Lewis formula. 

The Lewis method of formulation therefore shows more isomers 
than actually exist. The minimum in curve C is an energy minimum 
with respect to both electron distribution and atomic configuration, 
and hence represents a definite compound; but one that cannot be 
represented by a single Lewis formula. This compound is a meso- 
meric one. We have represented its energy and atomic configura- 
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tion by Eg^ and respectively. We shall attempt to represent the 
electron distributions of this type by enclosing the formulas of the 
resonating Lewis electron structures in parentheses. For instance, 
the electron distribution in this case would be shown as (A, B), but 
this is only a qualitative method, which can be very complex when 
many Lewis structures are involved. Thus to represent triphenyl- 
methyl radical in this way we should have to write 44 formulas and 
then obtain only a first approximation. 

It should be noted that the conditions Eq^y gm, and (A, £), on 
which the properties of the mesomeric compound shown in case III 
depend, are very different from either and A, or Euq^y 

qtij and B. Hence this compound is very different from what we 
might expect from either Lewis formula. It could, however, be 
more adequately depicted by a structural formula in which bonds 
were divided and the extent of the bonding between any atom indi¬ 
cated by shading. Benzene, which is a typical mesomeric compound, 
is fairly well depicted by the structural formula 


CH 



The quantity is important. We shall call it the 

molecular resonance energy. When Eeqh is less than Eaqj^j the 
molecular resonance energy is taken as Esgs^Eg^. There are 
therefore two resonance energies. The one previously mentioned 
can be defined as EA^ — Eq, The importance of EAgA^Eg^ lies 
in the fact that Eaqa is the energy we would assign the molecule from 
its most likely Lewis formula while Eg^ is its actual energy. By 
ignoring the theory of resonance, we make an error of EAqA'^^Qm 
in any calculation of energy. 

Cases II and IV correspond respectively to cases I and III. Cases 
I and II are examples in which resonance does not prevent isomerism, 
and cases III and IV are examples in which it produces mesomerism. 
On the other hand, II and IV are alike in that, in both, the energy 
level of one of the Lewis electron distributions at its equilibrium 
atomic configuration is very much lower than that of the other at 
its equilibrium point. That is, Ebqb is much greater than Eaqa- 
Case II hardly needs much discussion. It is an example of isomerism 
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in which one isomer is much less stable than the other. The applica¬ 
tion of resonance theory to it would show that the less stable isomer B 
is more affected by the possibility of an alternative electron distribu¬ 
tion than is the more stable isomer. 

In case IV the mesomeric compound differs in energy, atomic 
configuration, and electron distribution much less from what would 
be expected from the Lewis formula A than it does from the Lewis 
formula B. If the compound is assigned the formula A , the error is 
not great, whereas the formula B cannot be assigned to any com¬ 
pound. This difference between III and IV shows that resonance 
effects are large when alternative structural formulas would imply 
nearly equal energies, but are not great when the implied energies 
are very different. 

When a Lewis structural formula depicts two atoms bonded to¬ 
gether, and another formula shows these atoms as not bonded to 
each other but to other atoms, the change from the equilibrium 
atomic configuration of one formula to that of th(^ other requires con¬ 
siderable energy, necessitating as it does a wide separation of bonded 
atoms. Under these conditions mesomerism is unlikely, and Lewis 
formulas can be used. When, however, no atom is removed from 
one to which it is bonded in the change from one equilibrium atomic 
configuration to the other, but only the type of bonding is altered, 
mesomerism occurs. Mesomerism therefore occurs in the following 

* 

structural types: (a) the triad, A—B—C where the asterisk repre¬ 
sents an odd electron, an unshared electron pair, or a lack of elec¬ 
trons; (b) the conjugated system of multiple bonds, A=B — C=D; 
(c) the aromatic nucleus 


A 

/ \ 

F B 


E C 

\ 

D 


• ^ 

(d) the dyad, A — B, where the asterisk represents an unshared pair 
of electrons or a lack of electrons. 

The following pairs of resonating structures are examples of 
(a), (b), (c), and (d) respectively: 


(0=C—0-, 
R 


0_C==0); 


J. 
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(CH2=CH—CH=(), 


CH 2 - 


-CH=CH—O”); 


CH—CH 

CH=(M 



/ \ 

CH 

N, 

CH 

\ / 


CH=CH 

CH—CH 


N ; and (N=0:, N=0:). 


No example of the dyad with B lacking electrons is known. 

Equilibrium atomic configurations corresponding to Lewis struc¬ 
tures require not only certain distances between the atoms but also 
special shapes for the molecules. The differences in shapes of the 
atomic configurations f;orresponding to resonating structures have 
an effect on the formation of mesomers and the molecular resonance 
energy. Also, mesomerism tends to impose special shapes on the 
molecules. Thus it is probable that 


N=N- ()- and N--—N 



are not mesomeric, as the shapes required by the two structures 
are quite different. This is not definitely known, as only one isomer 
has been obtained, but this isomer shows no sign of the triangular 
shape required by 


N='-N. 

\ / 

0 


■f- — + 

On the other hand, N=N—0“ and N=N==0 are mesomeric, as 
both electron distributions are favored by a linear atomic configura¬ 
tion. Nitrous oxide has the properties of such a mesomer. 

There is also a steric factor in resonance, and although this is not 
generally sufficient to produce isomerism where mesomerism is 
expected, it frequently greatly reduces resonance effects. These 
steric factors are generally introduced on account of the planar atomic 
configuration of the double bond system 


A 

\ 

c=c 


E 



When the resonance is with an electron distribution that has the double 


bond elsewhere, as for instance H 2 N- 
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the planarity of more atoms is required in order that the atomic con¬ 
figuration will be favorable to both electron distributions. Thus in 
aniline the resonance tends to bring the amino hydrogen atoms into 
the plane of the ring. Steric hindrance may interfere with these planar 
structures and greatly reduce the effects of resonance. 

The fundamental postulates on which this theory of molecular 
resonance is based do not restrict an atomic system to the atoms of a 
single molecule. However, if one or both electron distributions 
correspond to more than a single molecule, the energy involved in 
changing from qA or qs to qx is probably great and true energy curves 
of the types shown in I and II are more likely than those shown in 
III and IV. There are, however, some cases in which the true 
energy curve probably belongs to one of the types shown in III 
or IV. The system F—H and F“ is probably an example; the 

resonance would be (: F: H : F:, : F: H: F:). The effect of resonance 

in these cases is to bind the molecules together. 

A similar binding together of two separate groups in a molecule 
can occur. In general when an atom is bonded to one group in one 
of the Lewis formulas and to another group in the other, the two 
equilibrium positions of the atom are too widely separated to give 
mesornerism, but the bond angles and atomic radii of the chain con¬ 
necting the groups can be such that th(? two equilibrium positions of 
the alternatively bonded atom are not far apart. Resonance can 
then bind the groups together, with the alternatively bonded atom 
as the link. The resulting structure is cyclic. This process has 
been called chelation. 

There are also cases in which the system is a single molecule 
according to one Lewis electron distribution but two molecules 
according to another. On account of the difference in the number 
of bonds in the two forms, the energy curve would probably be like 
that in IV. This is sometimes called no-bond resonance. Some 
examples are mentioned in the discussion of bond distances (Chapter 
V, page 116 ). 

Among the fundamental postulates of resonance we included the 
statement that resonance energy was small unless the electron shift 
was small or effectively small. From the other postulates alone 

similar resonances might be expected from (H2N—NH2, H2N—NH2) 

and (H2N—CH2—CH2—H2N, H2N—CH2—CH2—NH2), but this 
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postulate makes the energy of the latter resonance insignificant. 
On the other hand a strong resonance i.s obtained for 

(HsN—/ V-NHj, HsN-y 


although the shift of the electron is large. This shift is effectively 
small because it can occur through a series of triad and dyad reso¬ 
nances. The failure to obtain resonance effects for electron shifts 
through a saturated chain is called insulation. 

In this discussion of types of resonance we have not included that 
between the homopolar and ionic components of a bond. This 
resonance always produces mesomerism, but as we included it in the 
formation of a bond it is implied by a shared pair of electrons in a 
Lewis formula, and if we treat it as a necessary consequence of a 
bond it should not be included as a resonance as well. If we treat 
it as resonance, not as part of bond formation, polarity and induction 
are resonance effects. 

In Figure 7 there is a marked difference between cases I and III. 
However, even in case I where mesomerism is absent there are still 
small resonance effects. Thus the atomic configurations qAB and Qa 
are not identical, and the energy, is smaller than the energy 

Eaqa' But there is a gradation between cases I and III. Conse¬ 
quently it is possible to have a marked difference between atomic 
configurations Qab and Qa and the energies Eg^^ and Eaqa without 
actual mesomerism. In such a case the energy of the transition 
state, Eq^y is also small, and the two isomers are not easily separated. 
There are therefore compounds that are not actually mesomeric but 
have many of the properties of mesomeric substances. We shall 
treat these substances as resonating compounds and not try to decide 
whether they are truly mesomeric. 

16c. Molecular resonance as a theorem in quantum mechanics. 
We have seen how ordinary structural theory enhanced by the Lewis 
interpretation of the bond and of the distinction of the ionic link 
permitted a very good representation of a large group of compounds. 
We have also seen that for another large group the Lewis theory was 
inadequate and it was necessary to introduce certain additional 
assumptions without any apparent theoretical foundation. We shall 
now see that the quantum mechanical interpretation of the electron- 
pair bond contains within it the mechanism for understanding and 
more clearly defining these ad hoc assumptions. This, of course, is 
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not surprising. Indeed it could hardly be othei wise if the Schro- 
dinger equation is the complete description of atomic^ systems that 
it is supposed to be. 

The precise form which the theory will take depends upon the 
methods of approximation which are used in the solution of the 
Schrodinger equation. The procedure here is exactly analogous to 
the case of the hydrogen molecule, and all of th(^ fundamc'iital ideas 
concerning the structure of organic molecules which we shall need 
have already appeared in that discussion. Since we cannot solve 
the Schrodinger equation directly, our problem is to construct a \p 
function which will represent the true state of the molecule as nearly 
as possible. This is done by selecting a group of simpler \p functions 
about which presumably we know something, and any one of which 
might represent the state of the molecailc. Th(\s(' are then combined 
by means of a perturbation or a variation calculation in tlie course of 
which a ^‘secular equatiorV^ is obtained for the i)ossible energy states 
of the system in terms of integrals involving the originally selected 
^ functions. From these we can now cahmlate the coefficients of 
the original xp functions in the combinations which arci to represent 
the true state of the system, i.e. the extent to whicdi each of th(^ 
approximate original states is to contribute to the true state. 

The problem is thus again (as in the H2 molecule) one of selecting 
the original states from which to make the combinations. The two 
points of view which were described in connection with the hydrogen 
molecule have been extended to polyatomic molecules, and are called 
the method of molecular orbitals (Hund-Mulliken-Hiickel) and the 
method of bond orbitals or the method of electron pairs (Heitler- 
London-Slater-Pauling) 

The method of molecular orbitals considers the molecule in the 
first instance as an aggregate of nuclei in a fixed configuration. 
Each electron is then assigned an orbital determined by the electric 
field of the nuclear system and all the other electrons, and each 
orbital can be occupied by two electrons having opposite spins. The 
final wave function of the molecule is then taken as the product of 
these separate electron molecular orbitals. In the language of the 
organic chemist, this amounts to the obliteration of any distinctive 
or characteristic gi’oups in the molecule and would correspond to an 
attempt to derive the properties of a molecule from a consideration 
only of the nuclei and the electrons which constitute its structure. 

* For a comparison of these methods, cf. Van Vleck, J. H., and Sherman, A., 
‘The Quantum Theory of Valence,^^ Rev, Mod. Phys., 7, 16 (1937). 
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The method of bond orbitals considers the molecule as made up 
of atoms with ckictrons in atomic orbitals on each atom. In its 
original form, as developed by Slater, a wave function of the molecule, 
ipy is the product of all of these atomic orbitals each containing one 
electron. 


\{/ == Uail)Ub{2)Uci'^) . . . Uq(i) 

wdien^ q is the number of orbitals used and i the number of electrons 
taking part in the binding.® Now an equally good product would 
be one in which (dectrons No. 1 and No. 2, or any other pair, were 
interchanged— 

Xp = Ua{2)ufX\)uc{}^) ••• Ug(i) 

—and so the actual wave function of the molecule, 'k, is taken as a 
sum of these various products obtained by all the “possible'^ inter¬ 
changes, with the additional proviso that each orbital might have 
either of two spins. This “]K)Ssible’’ refers to those permutations 
representing possible states in nature, i.(\ conditions which fulfill the 
Pauli priiK'iple when the spin of the electrons is included in the 
]*epresentation. Upon this basis Slater, Pauling, and others simpli¬ 
fied the rules by which the proper initial function might be chosen 
and by which the energy of the system might be calculated. These 
rules use the electron-pair or \^alence-bond structures (Lewis struc¬ 
tures) as the chemist is accustomed to WTiting them. A product of a 
pair of atomic orbitals containing electrons of opposite spin represents 
a certain bonding state between this pair of atomic orbitals, and 
then a combination of these bonding states is taken as the wave 
function of the isolated bond between the pair, i.e. a bond orbital. 
The wave function of the entire molecule is then a product of th(^ 
bond orbitals. If more than one such bond arrangement is possible, 
a further combination of these possible bond arrang(iments must be 
taken in order to represent truly the structure of the molecule. Thus 
if UaO) and Uh(2) represent electron No. 1 in an atomic orbital u 
on atom a, and electron 2 in an atomic orbital u on atom h, then 
Ua(l)ub{2) would represent one bonding state. Another would be 
Uail)u„(2) or Ub(l)ub(2). Still others could be constructed using 
other orbitals than u on either or both of the atoms a and 6. In 
this and the following discussion the solution of the H 2 problem 

® These are usually taken as equal for polyatomic molecules but not neces¬ 
sarily, as may be seen in the case of the hydrogen molecule where p orbitals 
were used as well as s orbitals in the higher approximations. 
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should be kept constantly in mind. In general, then, a bonding 
state <t> is given by 

i 

^ XI (l) 

and the bond orbital is given by 

^ CLikft>k- ( 2 ) 

k 

Then for any given bond structure (bonds between given sets of 
atom pairs in a molecule) the molecular wave function Xi will b(^ 
given by 

Xi = n 4'i. (3) 

Now if it is possible to have more than one arrangement of the bonds 
between the atoms in a molecule, i.e., more than one X/, the actual 
state of the molecule ^ will be represented by a combination of 
these Xz^s: 

^ = Z (4) 

Thus the transition from the single atomic orbitals (ui) to a complete 
molecular wave function, 4^, which was previously described as a 
single process, has now been accomplished by means of a series of 
steps, some of the intermediate ones of which represent approxi¬ 
mately the older modes of description of molecular systems. Once 
more in the language of the organic chemist this amounts to con¬ 
structing a molecule from atoms, bonds, and groups which may 
retain something of their individuality from molecule to molecule. 
The old method of the organic chemist of attempting to derive the 
properties of a molecule from a consideration of the bonds and groups 
present finds a very convenient translation in the language of 
quantum mechanics. 

The quantitative results obtained by the two methods of approxi¬ 
mation for the most part indicate the same tendencies and effects 
of the structure on the properties of the molecule. In neither case 
is a completely theoretical result possible. In order to get a veri¬ 
fiable result, at least one other experimentally determined constant 
must be introduced somewhere in the calculation. So far the really 
important contributions of the theory have been conceptual ones. 
It has considerably enhanced and clarified many of the older ideas 
of molecular structure derived purely on the basis of the electron 
pair bond and structural theory, Since the method of bonds and 
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group interactions introduced at the beginning of this chapter is still 
by far the most useful approach to understanding the properties of 
molecules, we will restrict ourselves in any quantum mechanical 
considerations to the method most nearly related to it and whi(‘h 
permits of the more direct translation into the familiar language of 
the chemist. 

We have seen how the single electron«pair bond between a pair of 
atoms, which is represented.by a valence line, A —jB, or a pair of dots, 
A:B, required for its formulation in quantum mechanics the 
sum of a group of selected initial approximations for which the 
proper coefficients could be determined (equation 2). These initial 
approximations could be represented by the bond formulas: 

A?B; AoB; A?~B^; A~^W~; etc. 

corresponding to the functions </>!, </> 2 , 4>z, </) 4 , etc. Therefore, when 
we write a valence line, it will imply the inclusion of all the reso¬ 
nating states of this type. In a polyatomic molecule with several 
bonds, the wave function of the molecule would be a product of all 
the bond orbitals present (equation 3). Xi then is the quantum 
mechanical represen tat hm of a molecule corresponding to a single 
Lewis structure. When, liowever, more than one Lewis structure 
(valence bond formula) can be written for a molecule (the mesom- 
erism of section 15a), the principle of combination must be extended 
to these as well and the complete description of the molecule, 
is given by equation 4. Thus the idea of resonance or mesomerism 
is merely a result of the methods of approximation. 

There is one rigorous rule which must be satisfied by any set of 
states which are to be combined, and that is that they must all have 
the same number of unpaired electron spins, i.e. they must all have 
the same value of where for each electron. There are 

other less rigorous rules concerning the relative contributions of the 
several constituent states and their energies. 

The energy of a single valence bond structure Xi is given by the 
integral 

Hji = J XiHXi dr ( 6 ) 

and the rules have been worked out by which this can be calculated 
directly in terms of the exchange integrals between single electron 
pairs, thus: 

Hu = Q + S/i. - iZJi,- (6) 
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where Q is the sum of all the coulombic integrals for each pair of 
electrons, J a is the single exchange integral between a pair of elec¬ 
trons forming a bond, and Jij is the single exchange integral between 
a pair of electrons not forming a bond. Since these single exchange 
integrals are in general negative, we see that J a actually corresponds 
to an attraction, i.e. a lowering of the energy, between the pair of 
atoms which are indicated as bonded in the valence bond formula, 
and that — corresponds to a repulsion, i.e. an increase in energy, 
between those atoms which are not bonded together in the valence- 
bond formula. An analogous set of rules has been evolved for the 
calculation of the compound exchange integrals 

//in = /xi//XiirfT (7) 

which are required in the secular equation for TP, the true energy of 
the system, made up of a combination of the X’s according to 
equation 4. The solution of this secular equation for W gives a 
number of values for W equal to the number of constituent X^s used 
in the combination. Some of these W^s may be identical and the 
value of the energy is said to be degenerate; i.e., there apparently 
exist more than one wave function for that value of the energy. The 
lowest value of W obtained from this secular equation, Wgj is then 
the energy of the ground state of the system, and the set of coeffi¬ 
cients bi (equation 4) corresponding to this value Wg will be a 
measure of the relative contributions of the various valence-states 
(Xi^s) to the ground state '^g. The value of Wg must be equal to, or 
less than, the smallest Ha (Hfi) appearing in the secular equation. 
This amounts to saying that the true energy of the system cannot be 
greater than that of the lowest contributing valence state. In gen¬ 
eral, Wg will be less than Hu and the difference 

R = - Wg ( 8 ) 

is called the resonance energy, owing to the possibility and cor ibu- 
tion of more than one valence-bond formula. We thus have a means 
of calculating quantitatively, at least in certain cases, the actual 
degree of additional stability given to a molecule by this possibility 
of resonance which had been observed by chemists long ago and 
which was described qualitatively in the earlier part of this chapter. 

The superscript ^ is merely a method of designating the lowest value 
of Hu , 
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In those cases for which the calculation has been possible, certain 
regularities have been observed which can be applied qualitatively to 
the multitude of cases which cannot yet be calculated. The most 
important of these generalizations is that R is the greater, the larger 
is the number of identical //it's; and if there is only one //fi, R is 
the greater the closer is the next higher value oi Ha, and the larger is 
the number of these, etc. This has as a corollary certain restrictions 
in the geometry of the constituent states. No particle must be 
allowed to move very great distances; i.e., R decreases as the distance 
which the particle must move to change one valence bond state to 
another increases. Further, the distance which a particle can move 
and still contribute appreciably falls oflf very rapidly with the in- 
creasing mass of the particle. Electrons can move distances of the 
order of a bond length comparatively easily, but the next heavier 
particle, the proton, can move only a small fraction of a bond dis¬ 
tance, and for all practical purposes anything heavier cannot move 
at all, beyond the displacement involved in the ordinary vibrational 
states of the bonds concerned. 

Let us take benzene as an example. A valence bond structure of 
benzene is 

H 

I 

C 

H—C 6 2 C—H 

I II • 

H—C 6 3 C--H 

\ 4 / 

c 

I 

H 

The wave function for this structure would be Xi = 
where X" represents the structure with its six single, a, bonds be¬ 
tween neighboring carbon atoms and its six C—H bonds, and ^ 2 % 
represents the second, ir, bond between carbon atoms 2 and 3, etc. 
Now another and exactly equivalent valence bond structure would 
be 
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having the wave function Xn = XVr 2 ^ 34^^6 • Since and the en¬ 
ergy associated with this part of the wave function remain the same 
in Xi and Xu, it will not contribute to any effects which the possi¬ 
bility of more than one arrangement of the tt bonds might bring 
about, so we will omit it in the following considerations, remembering 
that it must multiply the wave function we obtain without it and that 
its energy must be added to that obtained without it. Now, since 
more than one bond formula is possible, the true state of the molecule 
must be some combination of these various bond formulas: 


'I' — ^>iXi + fciiXii (9) 

and the secular equation” 




f^iii — AiiiTT 1 

( 10 ) 


J = 0 


I — An I IT 

^^iiii ~ Aiinf^ 1 


in which Hi j 

Ii 

II 

< 

II 

< 

= An I, 


because of the exact equivalence of the two structures. This has as 
its solutions; 




Ai I + Ai II 


and We = 


Hii - H 


III 


( 11 ) 


with = —/ (Xi + Xn) and = 
v2 


1 


Ai I — Ai h 

(Xt — Xii), where the 


The secular equation is obtained by substituting the selected wave func¬ 
tion (equation 9) into the Schrbdingcr equation {FI — W)^ = 0 giving the 
equation for the coefficients hi and 6ii 

hilllXi — TVXil -f- bnlF^Xu — TVXiil = 0. (10a) 


This may be converted into a set of simultaneous equations for bi and bu by 
multiplying through by Xi or Xir and integrating the result, keeping in mind 
that H 18 a. differential operator (i.e. HX XH), whereas W is simply a multi¬ 
plier (i.e. WX = XW). Thus multiplying the terms of equation 10a by Xi 
and integrating gives 


6lj^ j XiHXi - W' J XiXi + XiHXii - W j XiXn = 0 


or 


[Hi I - Wai il -b 5ii [Hi n - WAi h) « 0 (10b) 


and similarly multiplying the terms of equation 10a by XII and integrating 
gives 


hi [Hill - WAii il 4- 6ii (Hii ii - WAji III « 0. (10c) 

In order that the pair of simultaneous equations for bi and tu (10b and 10c) 
have a finite non-trivial solution, it is necessary that the determinant of the 
coefficients of hi and 5ii be equal to zero. This determinantal equation 10 is 
known as the secular equation. 
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subscript g indicates the ground state of the molecule. Whether itu^ 
values for the excited states (c) found by this method have any 
physical significance is still a moot question and will be discussed 
later in connection with the theory of the color of organic compounds. 

The evaluation of the elements Hj i , //j ^ , etc. can now be carried 
out by means of the rules already set down. They are found to be 

Hii — — Him 

Hm = \Q -h = Hill 

All — 1 — Aji II 

Ai II = 1 == An I 


where Q is the coulombic energy and a is a single exchange integral 
between a pair of adjacent carbon atoms. Exchange integrals be¬ 
tween more widely separated atoms are neglected. This gives for 
the energy Wg — Q + 2Aa and W, = Q. It is upon this basis that 
we can decide which represents the ground state, since a is generally 
negative and the largest negative value for the energy represents the 
most stable state. Thus the resonance energy, by equation 8, is: 

R = Hi I — Wg = (Q + 1.5a) — (Q + 2.4a) — —0.9a. 


That is, the energy of the actual state of the benzene molecule is 0.9a 
lower than that represented by a single Kekule structure. It 
should be noted that each Kekule structure contributes equally to 
the condition of the molecule; i.e., the coefficients hi and 6ii are equal. 

Now it is possible to write other structures for the benzene molecule 
in addition to the two Kekule structures. These are the three Dewar 
structures: 


/\ 

\/ 

III 


r 


IV 



Any other structures which must involve crossing of the lines repre¬ 
senting the bonds in the planar picture of the molecule can be shown 
to be representable by combination of the five already drawn. It is 
to be expected that these Dewar structures will not be as important 
as the Kekule structures, since they involve bonds between rather 
widely separated atoms, and this is actually found to be the case 
when the calculation is carried out including them. Wg is found 
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to be Q + 2.6055Qf. The wave function including the three equiva¬ 
lent Dewar structures (Xm, Xjy, and Xy) is found to be 

= 0.624(Xi + Xii) + 0.271 (xiii + Xiv + Xv)* (12) 
Ionic states such as 

+ 

A,- 

involving a separation of charge between a pair of adjacent carbon 
atoms would be included in the exchange integral but those of the 
type 

+ 

A 

\/ 

will be completely lacking because of the neglect of interchange 
integral between non-adjacent carbon atoms. It will be seen from 
later evidence, both chemical and physical, that such non-adjacent 
ionic states must be of considerable importance in many cases. 

The calculation is not complete, since a must be determined by 
comparison with experiment. As we shall see, this turns out to be 
about —1.5 e.volts, giving benzene a resonance energy of about 39 
kcal./mole. Similar calculations have been carried out for many 
compounds containing double bonds, and we will consider the results 
in more detail in a later chapter. 



Chapter V 

PHYSICAL PROPERTIES 

When we write the structural formula of a compound, that formula 
is meant to represent not only the elementary composition of the 
compound but all of its physical and chemical properties as well. 
Thus the formula 

H 

1 

H -C~ Cl 

I 

H 

implies a molecule made up of 3 atoms of hydrogen, 1 atom of carbon, 
and 1 atom of chlorine, the spatial arrangements of these atoms, the 
electron distribution in the molecule, and the presence of a C—Cl bond 
with all of its concommitant chemical properties, i.e. behavior toward 
various reagents such as alkali, sodium, etc. For many years after 
the introduction of structural formulas they remained pure symbols 
with which were associated certain properties both chemical and 
physical. One of the physical properties which was assigned to the 
carbon atom primarily from a study of the isomerism of its com¬ 
pounds was that the four valences of carbon formed a tetrahedral 
angle with each other. In the last fifteen years direct physical 
methods have been devised for determining the spatial configuration 
of the atoms in a molecule, and the early suggestions of the chemists 
have been entirely confirmed. In this chapter we shall examine the 
results of measurements on three of the primary physical properties 
of molecules: (1) the spatial arrangement of the atoms in a molecule 
in its ground state; (2) the distribution of electric charge in the 
molecule in its ground state; (3) the possible excited states of the 
molecules—electronic, vibrational, and rotational. Other physical 
properties might be called secondary and can in general be related 
to these primary ones. Some of these secondary properties are 
refractive index, magnetic susceptibility, and the large group of 
properties which depend on the interaction of the molecules (attrac¬ 
tive and repulsive forces exerted on each other) and their shapes, such 
as heats of fusion and vaporization, melting and boiling points, 
viscosity, density, etc. 
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17. BOND DISTANCES AND ANGLES 

17a. Experimental methods. There are at present three im¬ 
portant methods of determining the configurations of atoms in 
molecules. They are (1) the method of X-ray diffraction, (2) the 
method of (dectron diffraction, and (3) the spectroscopic method. 

In 1912 X-ray 7neihods were first used on crystals l)y Laue, 
Friedrich, and Knipping^ who demonstrated that X-rays were 
electromagnetic i-adiations similar to those of visible light but of very 
much shorter wave length. Just as a monochromatic beam of visible 
light whose wave kmgth is of the order of 10"^ cm. is reflected only at 
certain specific angk^s by a system of reflectors whose spacing is of 
the order of the wave length, i.e. a diffraction grating, so is a mono¬ 
chromatic beam of X-rays diffracted. But the wave length of the 
X-rays is of the order of 10 to 10' ® cm., and no grating so fine can 
be ruled. A crystal lattice, however, is a })eriodic system of reflectors 
(or scattering centers) whose spacing is of just this order of mag¬ 
nitude. These periodically arranged scattering centers are the atoms 
themselves; and the relation connecting the distance d between the 
periodically recurring })lanes of atoms, the wave length X of the 
diffracted X-rays, and the angle of scattering 6^ is the well-known 
Bragg law, nX = 2d sin dy where n is the integral order of reflection. 
Thus, if a beam of X-rays of known wave length X is passed through 
or reflected from a crystal and the angle of reflection d measured, 
it is possible to determine the interplanar distance d from one or 
more of the series of reflections obtained corresponding to the integral 
values of n. If this be done for all three directions of the crystal 
axis, it is possible to determine the geometrical elements of symmetry 
belonging to the crystals. 

This knowledge, together with the fact that the number of possible 
periodic arrangements in space is limited, permits the localization 
of atoms in planes or along axes of symmetry. But this information 
alone is insufficient to tell us which atoms correspond to any given 
plane. For this purpOvSe an analysis of the intensities of the various 
reflections must be made. Since the X-rays are scattered mainly 
by the electrons of the atom, the scattering power of an atom in¬ 
creases with the atomic number. The function of the atomic number 
which measures this scattering power is called the atomic form factor, 
and this has been established for all the atoms both experimentally 
and theoretically. It thus becomes possible to identify the atoms in 
each plane. 

^ Laue, M., Friedrich, W., and Knipping, P., Ann. Physiky 41, 971 
a913). 
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In an inorganic crystal where the atomic numbers may vary widely, 
this process is comparatively easy. An organic crystal, however, is 
made up largely of carbon, nitrogen, oxygen, and hydrogen. The 
iiydrogen has no scattering power at all; the other three have atomic* 
numbers of 6, 7, and 8, and hence differ very little in scattering 
power. This makes their separate idcmtification extremely difficult. 
Relatively few organic crystals have been analyzed complet(dy. 
Each crystal presents an entirely new set of problems, and many 
other properti(is of the crystal such as compressibility, piezo-elec¬ 
tricity, optical properties, and the like, are called upon to assist the 
solution. Often the presences in the crystal of a heavy atom whose 
reflections are easily identified greatly facilitates the complete 
analysis of the structure. This was the case for the first organic 
crystal (phthalocyanine and its heav 3 ^ metal salts) to be comiiletely 
mapp(»d without the use of any information other than that obtained 
from the X-ray diffraction pictures. It is an excellent example of 
the type of information we ma^^ expect in increasing amounts by the 
use of this method. The structure of platinum phthalocyanine as 
obtained by Robertson- is shown in Figure 8. 

The use of X-rays is not limited to substances in the crystalline 
state. They may also give us information concerning the arrange¬ 
ments of molecules in a liquid and the arrangements of atoms in 
molecules in the vapor state. Although the molecules in the vapor 
are randomly oriented with respect to each other, the atoms in each 
molecule maintain a definite relationship to each other. Then the 
part of the X-ray beam scattered without change of wave length 
(coherent scattering) by one of the atoms of the molecule will inter¬ 
fere with another part similarly s(‘attered from another atom of the 
same molecule. P'or this reason the intensity of a coherently scat¬ 
tered beam of X-rays may show systematic variations which depend 
upon the spatial relationships of the atoms in each molecule. This 
coherent scattering will be superimposed on a background of inco¬ 
herent scattering, i.e. scattering with a change in wave length due 
to Compton effect and hence unable to interfere. 

The dependence of the intensity, /, of the coherently scattered 
beam on the angle of scattering Q has been given by Debye as 

( 1 ) 

t i svij 

where 5 = ^ sin ^ and the subscripts i and j refer to any two atoms 


* Robertson, J. M., and Woodward, I., J. Chem. Soc., 36 (1940). 
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within the molecule and the distance between them. K is a 
constant involving the initial intensity of the beam and the geometry 
of the system. <;5>t is a function measuring the scattering power for 



Figure 8a. The structure of platinum phthalocyanine. P^lectron density 
map of the molecule projected on a plane inclined at angle of 26.5® to the plane 
of the molecule. 

X-rays of atom i and is given, in the limiting case of all the electrons 
of atom i concentrated at the hypothetical center of the atom, by 



where e is the electronic charge, m is the electronic mass, c is the 
velocity of light, and Z* the atomic number of atom z. The correc¬ 
tion for the fact that the electrons are not actually concentrated at 















(Ch. V, §l7a] 


PHYSICAL PROPERTIES 


95 


the center of the atom is introduced by reducing Z by means of an 
atom form factor (as in the diffraction of X-rays by crystals) which 
is known for each atom. 

The electron diffraction method is based on the same principles as 
the X-ray method but, because of the charge on the electrons, their 
penetrating power is very much less than X-rays and they can be 



Figure 8b. Interatomic distances and bond angles derived from (a). 

used only for the study of solid surfaces and molecules in the vapor 
phase. It is the latter application in which we are most interested 
here. The electrons are assigned a wave length according to the 

de Broglie relation X = —, where X is the wave length, h is the 

mv 

quantum constant, m the mass and v the velocity of the electron. 

10~7 

Tn practical units this is given by X == -y- cm., where V is the ac- 
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celerating potential, in volts, which has been applied to the electron. 
Thus a 1 -volt electron has a wave length of cm. and a 40 kilo¬ 
volt electron, which is the usual velocity used, has a wave length 
of 2.5 X 10 “^^ cm. The general form of the equation giving the 
dependence of the intensity le of the coherently (elastically) scattered 
beam of electrons on the angle of scattering 6 is identical wdth that 
for X-rays (equation 1 ). Since, however, the electron beam is scat¬ 
tered mainly from the nuclei of the atoms, the scattering power, 
<j>, for electrons is different from that for X-rays and is given by 


* sin^ B/2 


where v is the velocity of the scatba-ed electron. Here again Zi 
must be reduced by the same atom form factor as was used in the 
— case of X-rays, to correct for the fact, that 

the atoms are not points but have a finite 


Carbon tetrachloride has been most com¬ 
pletely studied by means of the diffraction 
of both X-rays and electrons by the vapor. 
With increasing experience and the progress 
of technique, the results of the two methods 
^ are in complete agreement. Since the meth- 

fraction picture of car- t^ds aie SO neaily alike, we will follow through 
bon tetrachloride vapor, the interpretation of the electron diffraction 
(From^a negative by data on CCI 4 , to illustrate just what in- 
formation concerning the atomic configura¬ 
tion in a molecule may be obtained by these methods. 

The experimental result of passing a beam of electrons through the 
CCI4 vapor is usually obtained in the form of a photograph (Figure 
9), in which the central spot is the undiffracted beam and each 
concentric ring corresponds to an angle B of maximum scattering. 
There is no rigorous, direct way of deriving from this picture a unique 
structure of the molecule producing it. An attempt must now be 
made to reproduce this picture by use of the theoretical equation ( 1 ) 
and an assumed model for the molecule. On the basis of all the chem¬ 
ical information existing concerning the arrangement of four equiva¬ 
lent atoms about a carbon atom, it would seem most reasonable to 
see if a tetrahedral model could be used to fit these data. We would 
then have only two distances to consider, namely the C—Cl distance,. 
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^'c-cb and the Cl—Cl distance r*ci-cji. With this assumption, the 
theoretical elastic scattering curve becomes 

le — K\(t)c + 40C1 + 120CI "-(4) 
L 6TC1-C1 6rc-ci J 

since when i = j, ra — 0, and = 1. 

sra 



Figure 10. Intensity of scattering of electrons by 
carbon tetrachloride vapor as a function of the angle of 
scattering (diagrammatic). 


To this must now be added the inelastic (incoherent) scattering 
which is independent of the configuration of the molecule, depending 
only on the number and kinds of atoms present. This inelastic 
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scattering, plus the terms in equation 4 not involving the interatomic 
distances (elastic scattering from the atoms), are aperiodic functions 
of the scattering angle (for angles used in this type of experiment) 
and give the continuous background upon which is superimposed the 
periodic scattering represented by the terms in equation 4 involving 
the interatomic distances. Such a curve for some selected values 
of rc-ci and rci~ci is represented diagrammatically in Figure 10. 
The points marked with the arrows should correspond to the rings 
found in the photograph. Now the model may be changed or the 
distances may be adjusted until a corres]>ondence is obtained be¬ 
tween the theoretically calculated maxima and the experimentally 
observed ones. There are a number of methods of making the 
comparison which attempt to minimize' the sharp falling off of in¬ 
tensity due to the incoherent scattering, but the principle remains 
the same. It is found that for CCI4 the tetrahedron with — 

1.755 A gives almost exactly the experimentally observed distribu¬ 
tion of intensities. 

Although the scattering of electrons is mainly done by the atomic 
nuclei, this method is still incapable of placing hydrogen atoms with 
any degree of accuracy, although a number of C—H distances have 
been so determined. The only method which can accurately place 
H atoms is the spectroscopic one, but this method, as we shall see, 
is useful only for the very simplest molecules. 

The spectroscopic method} depends upon the interaction of molecuk^s 
with electromagnetic radiation whose wave length is many times 
greater than the average size of a molecule and hence is not a dif¬ 
fraction method as are the previous ones. It depends upon the 
ability of electromagnetic radiation to be absorbed or emitted by 
the molecule and thus change the energy content of the molecule. 

In Chapter 11 we saw how it is possible for the electrons in an iso¬ 
lated atom to exist in any of a number of energy states and that, if 
an electron changes its energy state, radiation of frequency v is 
emitted or absorbed according to the law /u/ = £'2 — £\ where £2 
and El are the energy levels of the two states bc^tween which the 
electron has moved. In the case of the hydrogen atom with only a 

* An excellent account of the detail of the following discussion may be found 
in Molecular Spectra and Molecular Structure: I. Diatomic Molecules^ by G. 
Herzberg (Prentice-Hall, Inc., New York, 1939). See also The Optical Basis 
of the Theory of Valency^ by R. de L. Kronig (Cambridge University Press, 
1935); Report on Band-Spectra of Diatomic Molecules, by W. Jevons (The 
Physical Society, London, 1932). 
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single electron, the electronic energy levels could be calculated from 
first principles and were found to 


En = 


Rhc 


2t^ me^ 
h^c 


where n could have the integral values 1, 2, . . . oo, all of the other 
factors being fundamental physical constants. If a hydrogen atom 
absorbs radiation so that the electron is raised from a level in which 
n = 1 to a level in which n = 2, the frequency of the absorbed 
radiation will be 



The same frequency would be emitted in the return process. If by 
some means, such as electron bombardment, a group of hydrogen 
atoms could be raised into an}'' of the series of levels n = 2, 3, 4, etc. 
and tluai permitted to fall back to the level n = 1, a series of lines 
would be emitted whose frequencies would be given by 



with n corresponding to the level from which the electron dropped. 
This series is known as the Lyman series. If the state to which the 
electron drops is n = 2, the resulting series of lines is the Balmer 
series. For more complex atoms a line spectrum is observed, but a 
complete analysis as in the case of the hydrogen atom has not yet 
been possible. It is, however, possible to assign various excited 
electronic states to these more complex atoms, even if they cannot be 
calculated. In some cases the chemical properties of atoms in these 
excited states have been observed and measured. 

An exactly similar process of electronic excitation is possible in 
molecules. But, as may well be imagined, even the assignment or 
identification of these excited electronic states has so far proved 
impossible in any but the simplest molecules, namely the diatomic 
molecules. We have reason to believe that some understanding of 
the electronic spectra of large unsaturated organic molecules can be 
obtained with the aid of resonance theory. They will be considered 
in some detail in section 20. 

In addition to electronic energy, a molecule can take up energy 
to bring its constituent atoms into vibration against one another, 
and further, to bring the entire molecule into rotation about some 
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axis of the molecule, both of whicth processes are absent for single 
atoms. Now, just as the electronic motion and energy is quantized 
(the electron can exist only in certain discretely separated states of 
energy), so are these vibrational and rotational motions of the mole¬ 
cule quantized. Here again the vibrational state of the molecule 
may be characterized by a vibrational quantum number v, and the 
rotational state by a rotational quantum number «/. Thus the total 
energy of a molecule in some specified electronic state of (juantum 
number n, vibrational state of quantum number c, and rotational 
state of quantum number J, is given by 

E(n,v,j) = £'n(electronic) + £„ (vibrational) + Ej (rotational) (6) 

The actual calculation of the vibrational and rotational energies is 
possible only in the very simplest of molecules, primarily the diatomic 
molecule, but the concepts once obtained may be applied in principle 
to tlie more complex molecules. Let us consider then the case of a 
diatomic molecule in some detail. 

As we have seen in the case of the hydrogen molecule, the mutual 
potential energy of a pair of atoms capable of forming a bond de¬ 
creases as the atoms approach each other, reaching a minimum and 
then rising very sharply as the atoms are brought still closer together. 
The initial decrease is due to the increasing contribution of the elec¬ 
tronic resonance as the atoms are brought closer together, and the 
rise is due to the repulsion of the nuclear charges, which becomes the 
most important factor at small distances. For an ionic bond, the 
resonance or homopolar decrease would be replaced by a coulombic 
decrease due to the initial attraction of the oppositely charged ion 
components of the molecule. This sort of curve may be used to 
represent any bond, the differences being in the depth and in the posi¬ 
tion of the minimum and small changes in the shape. Such a curve 
is represented by curve A in Figure 11. In general, these curves 
must be obtained empirically from experiment, but in order to under¬ 
stand them we will examine the simplified theory which may be 
considered as a limiting case. 

Because of the very small mass of the electron, its motion is of 
very high frequency compared to that of the much^ heavier nuclei. 
We may assume, therefore, that, for any instantaneous position of 
the nuclei in the course of their motion, the electrons have always 
assumed their best position corresponding to their quantum condi¬ 
tion. Thus it may be assumed that the nuclei are moving in an 
averaged field, owing to the electrons, for any given electronic state 
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of the molecule, and we may consider the energy associated with the 
atomic motion as characteristic for each electronic state of the mohv 
cule and independent of the other electronic states. We can no^v 
consider a diatomic molecule in its ground electronic state made up 
of atoms of mass Afi and Af 2 , and having an equilibrium separation 
of Ve. Let us suppose that for small displacements from the equilib¬ 
rium distance the force tending to restore the atoms to their equilib¬ 
rium position is proportional to their displacement from it, F = 

k 

k(r — re)y so that the potential energy becomes F = ~ (r — r«)2, 

setting the zero of potential for the atoms at their equilibrium separa¬ 
tion. This potential function represents a linear harmonic oscillator. 
If now we i)ermit no other type of motion, e.g., rotation, and use this 
potential in the Schrodinger equation, the resulting energy levels are 
found to be | 

£.= („ + i)/,^ w[th '. = “<i " = <«) 

The vibrational quantum number v can have any integral value 
from zero up -0, 1, 2, 3 ... . This represents the possibility of an 
infinite amount of energy being absorbed into the vibration in units 
of and we know that this is not true since the molecules do dis¬ 
sociate eventually into atoms. Hence this equation is valid only 
for small vibrations. For higher vibrations we must introduce 
higher terms in the potential to take into account their anharmonic 
character. This could be done by setting up F as a series in terms 
of the displacement 

V = I (^ - + I' ~ ^ • C^) 

or, in terms of an exponential as Morse has done, 

F = Z)[l + ( 8 ) 

In either case the energy becomes 

Ev = (v + i)hvo — X,(t; ^yhvo + . . . (9) 

If equation 7 is used, vq has the same value as in equation 6 and 
Xe is a function of the other constants fc', fc", etc. If equation 8 is 
used, the following relationships hold: 

_ a /^. Y ^ 
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D is here the difference in energy between the minimum and the 
asymptote approached at large separations. It is not the actual 
thermal dissociation energy of the molecule, since even in its lowest 
vibrational state, v = 0, the molecule still has the vibrational energy 
\hvo. This is called the zero-point energy and would exist in the 
molecule even at the absolute zero of temperature. The actual dis¬ 
sociation energy would then be Do = D — These vibrational 

states of the ground electronic state can be represented by the lines 
Va, vt, vt in Figure 12. 

Now, keeping the molecule in some vibrational state, it may rotate 
about an axis normal to the line joining the two atoms. This motion 
is quantized, so that the molecule may rotate only in a series of dis¬ 
crete energy states given by 

Ej = hBJiJ -f 1), with J = 0, 1, 2, . . . (10) 

« 

and Be == , where I is tlu^ 

moment of inertia of the mole¬ 
cule about the axis of rotation. 
The moment of inertia is given 
by / = Mrlj where M is again 
the reduced mass as in equa¬ 
tion 6. 

These rotational states for 
each vibrational level of the 
ground electronic states (^4) are 
represented in Figure 12 by the 
dotted lines marked J(vt),J{vt)^ 
etc., the numbers corresponding 
to the value of J. 

A similar set of vibrational 
and rotational states will exist 

Figure 11. Potential energy curves molecule in another (ex- 

for two electronic states. cited) electronic state. This is 

represented by curve J?, Figure' 
11. The one factor in equation 10 which depends on the molecule is 
/, the moment of inertia. This depends on the masses of the atoms 
and their equilibrium distance of separation. The masses, of course, 
remain unchanged throughout any changes in state which the mole¬ 
cule may undergo, but their equilibrium separation does not. Thus, 
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ill gciKMiil, each vibrational state will have its own equilibrium sepa¬ 
ration and, lienee, moment of inertia. Even the higher rotational 
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Figure 12. Energy level diagram showing electronic, vibrational, and ro¬ 
tational states. 


states in a single vibrational state will have a slightly larger moment 
of inertia due to the increased atomic separation resulting from the 
centrifugal force. Therefore, when we write the total energy of the 
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molecule in some specified quantum state as the sum of the energies 
of the various types of motion, as in 

(vibrational) 

^-/V-^ 

E(n.v.j) = ^/nCeleclronic) + + ^)hva — XXv + hfhva 

+ hB,{v, J)JiJ + 1) 

V-^-/, 

(rotational) 

it must be remembered that Be is dependent on tlie values of n, 
and J and corrections must be a})pro})riately applaud. 

Now it becomes possible, from a study of the frequencies and in¬ 
tensities of the light absorbed or emitted by a molecule in going from 
one state to another, to gain somf) information concerning the inter¬ 
atomic distances and atomic configurations in the molecule. 

The arrangement of energy Itwels in a diatomic molecule can be 
represented by a diagram, as in Figure 12. dlie horizontal lines each 
represent a quantum state of the molecule. Two electronic states 
A and B are shown. The vertical lines show transitions between 
states, and the length of these vertical lines is a m(*asure of the fre¬ 
quency of the light associated with the transition. The important 
'quantity for the present purpose is Be^ which gives the moment of 
inertia. This makes itself apparent only in the separation of the 
rotation lines as given by the formula 

Ej^i - Ej = 2hBe{J + 1), for J = 0, 1, 2, 3, . . . 

We need only consider changes in J of drl, since there is a selection 
rule which forbids any other transitions within a single electronic 
state. This would result in a series of lines whose frequencies are 
given to a first approximation for small values of J by 

+ 1), J = 0,1,2, ... ( 12 ) 

If no change other than rotational takes place, i.e. if a molecule in a 
specific vibrational state of a given electronic state changes from one 
rotational state to another, the resulting spectrum, known as a pure 
rotation spectrum, would be a series of lines of frequency 25*; 45*; 
6B^ y etc. This type of spectrum is not important,to us for two reasons. 
First, only molecules possessing a permanent dipole moment would 
show it, and second, it is in the far infra-red (X = 0.1 cm.), a region 
of the spectrum very difficult to work in. Pure rotation frequencies 
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are of the order of = 30 X 10^^ sec.-^ or, expressed in wave numlx rs 

.(vibrations per cm.), P = - = 10 cm.“h This would correspond to 

c 

approximately 30 cals./mole^ and, since RT = GOO cals./mole at 
room temperatures, the molecules would normally be thermally ex¬ 
cited to a distribution among most of the rotational states of the 
ground vibrational state. A transition between two vibrational 
states of the same electronic state is accompanied by a change in the 
rotational state. The resulting spectrum is known as a vibration- 
rotation spectrum. Since these are generally observed in absorp¬ 
tion, and since their wave numbers are of the order of 1000 cm.~^ 
(3000 cals./mole), the vibration band is generally the one from the 
ground vibrational state (v = 0) to the first excited vibrational 
(y = 1) state. Thi) frequencies in a vibration-rotation band will 
thus be (since AJ = dbl) 

= *^0 + 2Be(J + 1) J = 0, 1, 2, ... 

and ( 13 ) 

vZ-i = J'o - 2BeJ J = 1, 2, 3, ... 

and we again have the rotation structure consisting of a series of 
approximately equidistant lines grouped around the vibration 
frequency vo and separated by the frequency 2Re. These appear in 
the region 10,000 to 100,000 A and can be observed much more readily 
than the pure rotation bands. Here again, however, vibration bands 
are absent for homonuclear molecules such as H 2 , N 2 , O 2 , etc. 

Finally, the transitions may occur between the various vibrational 
and rotational states of two different electronic levels such as A and 
B in Figures 11 and 12. In that case, because of the relatively large 
difference in energy between electronic levels, the light emitted or 
absorbed is in general in the near infra-red, visible, or ultra-violet 
(1000 — 10,000 A). All of the transitions between any pair of 
electronic levels give rise to an electronic band system, each band 
consisting of the rotational structure in only those transitions in¬ 
volving a given pair of vibrational states. It is from this rotational 
structure that we are able to determine values of Be and hence the 
moment of inertia of the molecule in both of its electronic states in¬ 
volved in the particular band system. This is the type of spectrum 

* The relations among the units are Xi^ « c where c is the velocity of light 

X 10^° crn./sec.), P ~ andE (cals./mole) » 2.84 P. 
c 
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Table 5 


an(;es in some 

ORGANIC COMPOUNDS 




Method of 


Distance, A 

Bond Character 

Determination* 

Ref. 

... 1.542dr0.001 


X-ray 

(45) 

1.58 

Cal “Cal 

X-ray 

(28) 

. 1.55 


X-ray 

(20) 

. . 1.55rt0.03 


E.D. 

(10) 

. .. 1.54±0.02 


E.D. 

m 

.. 1.54 


X-ray 

(19) 

.. l.54d=0.12 

t 'al 

X-ray 

(22) 

1.54±0.02 

=c c 

E.D. 

(10) 

1.54rfc0.02 

II 3 C - c=o 

E.D. 

(54) 

1.54zt0.01 

C^.r-Cal 

E.D. 

(10) 

l-532b0.03 


E.D. 

(10) 

. 1.52d=0.()3 


E.D. 

(10) 

... 1.52=fc0.03 

C 2 -c, 

X-ray 

(21) 

. . 1.51 and 1.52 


X-ray 

(35) 

... 1.51rfc0.05 

0 = 0 -CHa 

Sp. 

(50) 

.. 1.50=b0.02 

0=C~-CHn 

E.D. 

(56) 

. . 1.50 

G=C1- C= 

X-ray 

(27) 

1.50rfc0.01 

C'ar Cu 1 

E.D. 

(13) 

1.49±0.03 

=C—C 

E.D. 

(52) 

... 1.48 

Cr-Ci' 

X-ray 

(15) 

.. 1.47±0.02 

o=c~ c=o 

E.D. 

(54) 

... 1.47d=0.02 

Car Cal 

X-ray 

(25) 

... 1.47±0.03 

C>=C -c 

X-ray 

(18) 

... 1.47 

o==c-c 

X-ray 

(48) 

.. 1.47it0.02 

111 

a 

1 

0 

X-ray 

(52) 

. 1.47 

Car "Cal 

X-ray 

(28) 

... 1.46±.03 

==c-c== 

E.D. 

(53) 

... 1.46±.04 


E.D. 

(63) 

... 1.463 

=c—c 

Sp. 

(41) 

... 1.46 

==c--c== 

E.D. 

(53) 

... 1.462dr0.005 

^c-c 

Sp. 

(43) 

... 1.44 

=c~c= 

E.D. 

(53) 

... 1.44=fc0.02 

=C-Car 

X-ray 

(31) 

1.44 

=c-c= 

E.D. 

(53) 

. 1.44rt:0.01 

o=»c- c==o 

X-ray 

(30) 

1.420db0.002 


X-ray 

(44) 

].42±0.03 

Car-Car 

X-ray (22, 

, 23) 


Compound 
C—C Bond 
Diamond 

Dibenzyl ... 

C 2 »H 6 o (Nonacosane) . 

Ethane . 

Propane 1 
Isobutane f 
NeopentaneJ 
CH3(CH2 )i 6COOH 
Hexamethyl benzene 
Isobutene \ 

Tetramethylcthyleiu'J 

Diacetyl. 

Mesitylene ] 

Hexamethylbenzene / 
Cyclopropanel 
Cyclohexane j 

Cyclopentane. 

Pentaerythrityl 
tetracetate. 

Succinic acid 

Acetaldehyde . 

Acetaldehyde . 

Benzoquinone. 

Hexamethylbenzene! 
p-Xylene / 

Methyl cyanide. 

Diphenyl. 

Glyoxal \ 

Diacetyl/. 

Durene . 

Diketopiperazine .... 

Glycine. 

Dimethylacetylene 1 
Dimethyldiacetylene / 

Dibenzyl. 

Butadiene . 

Cyclopentadiene. 

Methylacetylene. 

Furan. 

Methylacetylene. 

Pyrrole. 

Stilbene. 

Thiophene. 

Oxalic acid dihydrate 

Graphite . 

Benzene 1 

Hexachlorobenzenej 


► E.D. electron diffraction; Sp. «» apectroecopio; X-ray X-ray crystal analysis. 
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Table 5 {Continued) 



Distance, A 


Method of 


Compound 

C—C Bond 

Bond Character 

Determination* 

Ref. 


Durene 1 

Anthracene ^. 

. 1.41±0.01 

C.r-C„ 

X-ray 
(24, 25, 


Naphthalene] 

Tolan. 

. ... 1.40±0.02 

26) 

(32) 

=c c„ 

X-ray 

Benzene 1 

1 

p-Xylene , 

HexamethylbenzeneJ 

>.. 1.40±0.01 

(Xr -Car 

E.D. 

(13) 

Benzene. 

. 1.390±0.005 

Car—C^r 

E.D. 

(1) 

(10) 

Hexamethylbenzene 

. 1.39 

Car-Car 

E.D. 

Dibenzyl. 

... 1.41 

Car Car 

X-ray 

(28) 

Stilbene. 

. 1.39zb0.02 

Car-Car 

X-ray 

X-ray 

(31) 

(32) 

Tolan. 

. 1.39±0.02 

C ar C ar 

Pyridine 1 

Pyrazinej 

1.39rt0.02 


E.D. 

(53) 

Azobenzenii . . 

. 1.39=fc:0.03 

Car- Car 

X-ray 

X-ray 

(34) 

(33) 

/3-Resorcinol 

1.39 

Car Car 

Dimethyl-diacetylene. . . . l-38±0.03 

^c-c=^ 

E.D. 

(52) 

Cyanogen. .... 

... 1.37d:0.C2 

- 

E.D. 

(52) 

Diacetylone. 

. l.36d=0.03 

^C C^ 

E.D. 

(52) 

C—F Bond 





Methyl fluoride . . . 
Monofluoro- 

1.42±0.02 


E.D. 

(4) 

dichloromethane 

Monofluoro- 

.... 1.41±0.03 


E.D. 

(4) 

monochlorornethane, .. 1.40±0.03 


E.D. 

(4) 

Monofluoro- 





trichloroinetharie 

. . 1.40ifc0.04 


E.D. 

(4) 

Carbon tetrafluoride 

.... 1.36±0.02 


E.D. 

(5) 

Difluoromethane 

Difluoromonochloro- 

. . 1.3e)dr().02 


E.D. 

(4) 

methane. 

Difluoro- 

. 1.36±0.03 


E.D. 

(4) 

dichloromethane . 

. 1.35±0.03 


E.D. 

(4) 

C—Cl Bond 





Carbon tetrachloride . 1.755±0.005 


E.D. 

(9) 

Trichloroethylene ] 
Tetrachloroethylene J 

^ .. 1.82d=0.08 

=-C Cl 

E.D. 

(12) 

Chloroform 

Dichloromethane 

MonochloromethaneJ 

|.... 1.77±0.02 


E.D. 

E.D. 

(9) 

(4) 

Fluorochloromethane .... 1.76db0.02 


Dichloro- 

dibromomethane.. 
Difluoro- 

. 1.75 


E.D. 

(46) 

dichloromethane.. 

. 1.74dh0.03 


E.D. 

(4) 

Tetrachloroethylene. 

Difluoro- 

. 1.73±0.02 

=C-C1 

E.D. 

(6) 

monochlorornethane . . 1.73db0.03 


E.D. 

(4) 
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Table 5 (Continued) 




Distance, A 


Method of 


Compound 

Bond Character 

Determination* 

Ref. 

C—CM Bond 





Monofluoro- 






dichloromethane . . . 

... 1.73±0.04 


E.D. 

(4) 

Thiophosgene 

Trichloroethyle] 


... 1.70±0.02 

S=C—Cl 

E.D. 

(6) 

(6) 

ne . 

1 

. 1.71±0.03 

=C—Cl 

E.D. 

Vinyl chloride 


?/rw?-Dichloroethylene 1 
trans-sym~Y)ic\i\orO' I 

.. 1.69±0.02 

=-C—Cl 

E.D. 

(6) 

ethylene 
Phosgene. 

j 

. . 1.68±0.02 

o=c-ci 

E.D. 

(6) 

cis-S 2 /^i“Dichloroothylene 1,67±0.03 

=C--C1 

E.D. 

(6) 

Hexachlorobenzcne..., 

. . 1.665 


X-ray 

(23) 

C—Br Bond 





Carbon tetrabromide. 

.. . 1.92dr0.02 


E.D. (11, 

47) 

Methyl bromide 

... 1.91±0.02 


E.D. 

(11) 

Dichloro- 






dibrornomcthane. . . 

. . 1.91dr0.06 


E.D. 

(46) 

Vinyl bromide 

] 





Tribromoethylenc 1 

sym-Dibromoethylcnc ( 

2.05±0.08 


E.D. 

(12) 

{cis-trans mix.) J 





C—I Bond 





Carbon tetraiodide.... 

... 2.12dr0.02 


E.D. 

(47) 

1,2-, 1,3-, and 




X-ray 

E.D. 


1,4-Diiodobenzene.. 

2.00db0.10 


(14) 

C-~C Bond 





Vinyl chloride 

1 





ww5-Dichl oroe thylene 
syrw-Dichloroethylene 
(cis-lrans mix.) 
Trichloroethylene 
Tetrachloroethylene 

^.. 1.38 

x—c=c 

E.D. 

(6) 




Allene \ 


... 1.34±0.02 

-=C=C— 

E.D. 

(10) 

Ethylene/ 

Butadiene 



~c=c— 



Cyclobutadiene 

Furan 

. 

... I,35=b0.02 

x-c==c— 

E.D. 

(53) 

Pyrrole 



Thiophene 
Stilbene . 

1 

... 1.33=t0.04 

«■ 

1 

? 

o 

1 

X-ray 

(31) 

Benzoquinone.. 
Vinyl bromide 


.. 1.32 


X-ray 

(27) 

sym-Dibromoethylene 
(cis'-trans mix.) 
Tribromoethylenc 
Trichloroethylene 
Tetrachloroethylene 

.. 1.32±0.08 

1 

X—c«c 

E.D. 

(12) 
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Table 5 (Continued) 


Method of 

Compoun d Distance, A Bond Charact er Determ ination* Ref. 

CsC Bond 

Acetylene. 1.204dh0.002 Sp. (42) 

Methyl acetylene 1 1.20±0.03 E.D. (52) 

Dimethyl diacetylenej 

Tolan. 1.19rb0.02 X-ray (32) 

Diacetylene . 1.19±0.03 E.D. (52) 

C—H Bond 

Methane. 1.093 Sp. (49) 

Pyridine 

Pyrazine 

Butadiene 

Cyclopentadiene *. 1.09±:0.04 E.D. (53) 

Euran 

Pyrrole 

Thiophene 

Ethane . 1.09db0.03 E.D. (10) 

Formaldehyde . l.OQrbO.Ol 0=C—H E.D. (55) 

Ethylene . 1.06±0.03 =C-H E.D. (10) 

Ethylene. 1.04 ==C—H Sp. (40) 

Acetylene. 1.057=b0.002 H Sp. (42) 

Benzene . 1.08=b0.04 E.D. (53) 

Benzene. 1.14d=0.01 E.D. (13) 

C—O Bond 

Qi-Mcthylhydroxylamine. 1.44dr0.02 Pl.D. (6) 

Dimethyl ether. 1.44=1:0.03 E.D. (3) 

Paraldehyde. 1.43d=0.02 C—O(ring) E.D. (7) 

Metaldehyde. 1.43=1=0.03 C—O(ring) E.D. (8) 

Trioxymethylene. 1.42=fc0.03 C—O(ring) X-ray (37) 

Furan. 1.41=1=0.02 C—O(ring) E.D. (53) 

Pentaerythrityl n_ q 

tetracetate. 1.41=b0.03 _ q| X-ray (21) 

Glycine. 1.39 X-ray (48) 

/8-Resorcinol. 1.36 and 1.37 X-ray (33) 

C=0 Bond 
Pentaerythrityl- 

tetracetate. 1.33 C 2 —O* X-ray (21) 

Formic acid. 1.29=1=0.02 E.D. (2) 

Basic beryllium acetate... 1.29=fc0.05 E.D, (2) 

Phosgene. 1.28=1=0.03 E.D. (6) 

Cyanuric acid (keto 

form) . 1.28=b0.04 X-ray (39) 

Succinic acid. 1.28 and 1.31 X-ray (35) 

Diketopiperazine. 1.25=h0.03 X-ray (18) 

Urea. 1.26 X-ray (17) 

Oxalic acid dihydrate.... 1.24 and 1.30 0==C—O X-ray (30) 

Acetaldehyde. 1.22=1:0.02 E.D. (56) 

P'ormaldehyde. 1.21=h0.01 E.D. (55) 

Glyoxal \. 1.20±0.02 E.D. (54) 

Diacetylj 
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Table 6 (Continued) 


Compound 

Distance, A 

Bond Character 

Method of 
Determination* 

Ref. 

C—O Bond 

Benzoquiiione. 

1.14 


X-ray 

(27) 

C—S Bond 

Tri-t hi of ormal dehy de 

1.81±0.06 

C—S(ring) 

X-ray 

(38) 

Thiophene . 

1.74±0.a3 

C—S(ring) 

E.D. 

(53) 

C--S Bond 

Thiophosgene. 

1.63 


E.D. 

(6) 

Thiourea. 

1.64 


X-ray 

(16) 

C-N Bond 

Nitromethane. 

1.46db0.02 

NO, 

E.D. 

(6) 

Azobeiizene {cis) . 

1.45±0.04 

C^ar N -— 

X-ray 

(34) 

Pyrrole. 

1.42±0.02 

C— N(ring) 

E.D. 

(53) 

Hexamethylenetetramine 

1.42 


X-ray 

(17) 

Azobenzene (tram) 

1.41rt0.()3 

Carr-N^ 

X-ray 

(34) 

Diketopiperazine. 

l.41rb0.03 

CH 2 N 

X-ray 

(18) 

Glycine. 

1.40 


X-ray 

(48) 

Cyanuric triazide. 

1.38 

=C ~N 

X-ray 

(51) 

Pyridine. 

1.37rb0.03 

C N(rinK) 

E.D. 

(53) 

Cyanuric acid (keto form) 

1.37dr0.02 

0=C N-C= 

=0 X-ray 

(39) 

Urea . 

1.37 


X-ray 

(17) 

Thiourea . 

1.35 


X-ray 

(16) 

Pyrazine. 

1.35±0.02 

(ring) 

E.D. 

(53) 

Phthalocyanines. 

1.34d=0.03 

N -C=N 

X-ray 

(29) 

Diketopiperazine.. 

1.33=b0.03 

0=C N 

X-ray 

(18) 

C=N Bond 

Cyanuric triazide. 

1.31 

C=N 

X-ray 

(51) 
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which has been most thoroughly investigated, especially for dia¬ 
tomic molecules. 

The problem for triatomic and polyatomic molecules is much more 
complex, but in a number of cases it has been possible to arrive at 
conclusions concerning the moments of inertia and symmetry in such 
molecules which permit a definite statement as to the atomic arrange¬ 
ments and interatomic distances. One very important advantage 
of the spectroscopic method of determining molecular configurations 
is the fact that here it ivS possible to place hydrogen atoms, something 
which the other methods cannot do very well. 

17b. Bond distances. Many hundreds of organic compounds have 
been examined by these methods in the past few years and new meas¬ 
urements are appearing almost daily. It is beyond the scope of 
this book even to attempt a complete collection of the results. But, 
in order that the reader may gain some impression of the kind of 
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result which is obtained, we have collected in Table 5 a number of 
bond distances more or less arbitrarily chosen from some of the more 
recent measun^ments. 

An examination of the table shows that, to a first approxi¬ 
mation, the intcrnuclear distance for each kind of bond remains 
fairly constant throughout a wide variety of molecules in which the 
secondary effects which we will mention later are absent. By *^kind 
of bond’' we mean a bond of definite multiplicity, i.e. single, double, 
or triple, between a given pair of atoms. Thus tlie C—C distance 
undLsturbed by these secondary influences can be taken as that found 
in diamond, which has been most accurately determined to be 
1.542 A. Similarly, for the C=C distance we take that found for 
ethylene as 1.34 A. From these experimental values it is possible 
to assign covalent radii to atoms so that addition of the two radii 

Table 6 

ATOMIC COVALENT RAD IF 


H C N O F 

Single. 0.30 0.77 0.70 0.66 0.64 

Double. .67 .61 .55 

Triple. .60 .55 

Si P S Cl 

Single. 1.17 1.10 1.04 0.99 

Ge As Se Br 

Single. 1.22 1.21 1.17 1.14 

Sn Sb Te I 

Single. 1.40 1.41 1.37 1.33 


* The valued are the purely experimental ones to bo found in The Nature of the Chemical Bond, 
by L. Pauling (Cornell University Press, 1939). See also the review by Pauling, “Recent Work on the 
Configuration and Electronic Structure of Molecules; with some Applications to Natural Products," 
in Fortschritte der Chemie Organiacher Naturatoffe, 3 (1939). 


involved in a bond will give a good approximation to the bond 
length. For example, the radius taken for singly covalent carbon 
is 0.77 A. and for doubly covalent carbon is 0.67 A. In Table 6 are 
given a number of such covalent radii which have been obtained from 
experimental values of internuclear distances. 

A number of regularities are clearly evident in this table. The 
radius decreases in each row of the periodic system with increasing 
atomic number, and in each column it increases with increasing 
atomic number. This is no doubt connected with the increasing 
nuclear charge for the same electronic shell as one proceeds through 
a row, and with the increasing number of shells as one proceeds down 
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a single column. Furthermore, the ratio of double to single bond 
radii, and triple to single, seems to be constant through a row. For 

the first row these ratios are ^ 2 ^ 1 ? = o.87 and = 0.78. Using 

single single 

these trends, Pauling^ made estimates that are undoubtedly fairly 
accurate for covalent bond radii other than those that have been 
measured. 

In many organic compounds the chemical properties are repre¬ 
sented by neither a single bond nor a double bond. The same is of 
course true of the physical properties, and here, in the bond distance, 
we have an empirical way of estimating the amount of contribution 



Figure 13. Carbon-carbon distances for 
single, double, triple, and intermediate 
bonds. 


of each kind of bond to the actual state of the molecule. If we plot 
as ordinate internuclear distance and as abscissa a function called 
bond order, which has the value 1 for a pure single bond, 2 for a pure 
double bond, and 3 for a pure triple bond, we get the points shown in 
Figure 13 representing the carbon-carbon distance in ethane, ethyl¬ 
ene, and acetylene.® 

We have seen in the last chapter that the two most important 
resonance contributors to the benzene molecule are the two Kekule 
structures. If these are taken as the only contributors, both con- 

6 Ref. of Table 6. 

® Pauling, L., Brockway, L. O., and Beach, J. Y., J. Am, Chem. Soc,y 57, 
2705 (1935); Pauling, L., and Brockway, L. O., J. Am, Chem. Soc., 69, 1223 
(1937). 
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tributing equally, the resulting molecule would contain only oik' kind 
of bond, which would be midway between single and double. Thus 
the carbon-carbon distance in benzene, 1.39 A, gives a point on the 
bond-order scale at 1.5. Another point on this curve can be ob¬ 
tained from graphite, in which each carbon atom is bonded by four 
bonds to three other carbon atoms. In a single valence-bond struc¬ 
ture, one of the bonds must be double and the other two single, but 
there is no specification as to which one must be doubh^; i.e., this 
double bond may resonate between three positions, and hence each 
bond can be said to have an order of l^. We now have five points 
through which to draw a smooth curve This curve can actually be 
represented analytically, as shown by Pauling; and Penney and 
others^ have derived similar curves on a theoretical basis. 

Now, when an internuclear distance is measured and its contribut¬ 
ing forms are only single, double, or triple ( ovalent bonds, the n^ative 
amounts of each contribution can be estimated by use of such a curve. 
It can be used for internuclear distances other than carbon—carbon 
by suitable changes of the ordinate scale. 

In diphenyl, the length of the bond joining the two benzene rings 
has been found to be 1.48 A, which is between that of a single and 
that of a double bond. It corresponds to a bond having about 14 
per cent dou ble bo nd c haract er, which can be attributed to the 

resonance +<^ ^dr. Similarly in stilbene, the dis- 

^ —^ ^ 

tance C^i — Car has been found to be 1.44 A, which corresponds to 
about 40 per ce nt double bo nd cha racter attributable to the rt^so- 

nance+<r y==C —C==<f tranS’-Azohenzeim exhibits 

X — X - Q Q 

an analogous shortening of the C—N bond from 1.47 A to 1.41 A. 
In the cfs-azobenzene, however, the distance is 1.45 A. This can be 
taken as an example of the general principle that a single-double 
bond resonance can occur only in a planar system. The crystal 
structure analysis has shown that, while the frans-azobenzene is 
indeed planar, the cis compound is not. Apparently in the cis com¬ 
pound the interference of ortho hydrogen atoms is sufficient to force 
the two benzene rings into a position in which their planes make an 
angle of about 40® with each other, thus reducing the type of reso¬ 
nance structure drawn above for stilbene.® 

Another example involving an atom other than carbon is to be 
found in the chloroethylenes, where the C=C distance is given as 

^ Penney, W. G., Proc. Roy. Soc.^ A168, 306 (1937); Coulson, C. A., Proc. 
Roy. Soc., A169, 413 (1939), 

* See section 34 on the cis^iram equilibrium. 



[Ch. V, §17b] 


PHYSICAL PROPERTIES 


115 


1.38 A and the C—Cl distance (in chlorocthylene) as 1.69 A. The 
normal C—Cl distance is taken as 1.76 A from the chlorinated meth¬ 
anes, so that structure II must contribute something to the state 
of the molecule, which contribution is estimated to be about 14 per 
cent. 

- + 

H:C::C:Ci: H:C:C::Ci: 

ii H ** iiH 

1 II 


A similar resonance' can 1 k‘ used to account for the C—Cl distance 


1.69 A in the chlorinated benzenes. 



The C—N distance in urea is given as 1 .37 A, while in the aliphatic 
amines it is around 1.17 A. This difference may be due to the con¬ 
tributions of II and HI to the actual state of urea. 


NH2 

HjN NH 2 

H 2 N > 

\ / 

\ /- 

\ / 

C 

II 

0 

C 

I 

c 

1 

1 

0_ 

1 

0_ 

I 

II 

III 


There are, however, many cases of anomalous bond distances for 
which none of these readily acceptable' resonances can be written. 
The =C—C distance in the methyl acetylenes is given as 1.46 A 
with a high degree of accuracy. It may be i:)ossible that some sort 
of resonance involving structures (II and III) having unbonded 
atoms are important, i.e.: 


H H 

I I 

H—C—C=C—C—H 


H 


H 


H 


H 


H C==C=C—C—H 


H 


H 


II 


H 


H 


H—C—C==C==C H+ 

I •• I 

H H 


III 
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Another case is that of the difluorinated methanes^ where the 
C—F distance is given as 1.36 A as compared with 1.42 A for methyl 
fluoride. The forms which we may write in this case are: 


F 

I 

H—C—F 

I 

H 

I 


F+ 

II 

H—C F- 

I 

H 

II 


F- 

H-_C=F+ 

I 

H 

III 


While it is true that in II and III tlie carbon-fluorine bond is 
double, it is also true that it is less than single. The effect of charge 
is not yet definitely known. There is a case, however, in which the 
lengthening of a bond to something greati;r than would be expected 
for a single bond has been observed. In dibenzyl, the bond distanc(!s 
have been found to bo Cai—Cai ~ 1.58 A and C"ui—Car = 1.47 A. 


- V H2 Hi 

\—c—c- 

_/ 1.47 1.58 1.47 


<■ 

V, 


This could very nicely be accounted for by the inclu.sion of the fol¬ 
lowing forms: 




Hi Hi 

C—O 





in which formula II actually represents nine different forms when the 
ortho-quinoidal structures are included. In this connection it would 
be interesting to examine the tetra- and hexaphenylethanes. 

In view of these and other similar anomalies, some doubt is cast 
upon the quantitative estimation by the above methods of the 
amount of the contribution of the several contributing states. If 
one does not accept these '^no-bond^' resonances, one cannot attribute 
a bond shortening solely to a degree of double bondedness resulting 
from a resonance. If one accepts such ^‘no-bondresonances, one 
cannot calculate, from bond lengths, the contribution of a single type 
of resonance without knowing how the “no-bond’^ resonance is also 
affecting the bond length. 

17c. The hydrogen bond. Two atoms may be held together by 
the electron-pair bond, by coulombic forces (ionic binding) or in still 
another way: namely, by the hydrogen bond. The hydrogen bond 
occurs between electronegative atoms having completed octets of 
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which at least one electron-pair is unshared, such as 0, N, F, and to 
a smaller degree Cl and S. These atoms may be in the same 
cule, or they may be in different molecules. If they are on the same 
molecule, a ring formation is involved and usually a conjugation 
resonance within the ring. These are usually the chelate rings in 
which the hydrogen is very readily replaced by a metal such as Cu, 
Ni, Fe, Mg, etc. If they are in different molecules the result is an 
unusually high melting point for the crystal or low volatility for the 
liquid (association); or in general, properties that would result from 
an attraction between the molecules. Irrespective of whcither this 
bond is purely coulombic attraction of the positive proton for two 

Table 7 

HYDROGEN-BOND DISTANCES 




Bond 

Distance, A 

Substance 

0 . 

H. 

.0 . 

. 2.76 

H^OCIce) 




2.70 

C(CH20H)4 




2.70 

0-C6H4(0H)2 




2.55±.15 

a-(C02H)2 




2.71dr.l5 

(3-(C02H)2 




2.67 

(HC02H)2 




2.55 

NaHCOa 

F. 

H. 

.F. 

. 2.25±.2 

KHF* 




2.51i.2 

NaHF2 

N. 

H. 

.N. 

. 2.96 

NH 4 N 3 




2.65 

Phthalocyanine 

N. 

H. 

O . 

. 2.98, 3.03 

(NH2)2C0 




2.85 

Dikotopiperazine 




2.76, 2.88 

NH 2 CH 2 CO 2 H 

N. 

H. 

.F. 

. 2.63 

NH 4 F 




2.76 

NH 4 HF 2 


negative atoms, or is affected by a covalent resonance of the unshared 
pairs on each of the two bonded atoms, or is the result of a combina¬ 
tion of both these mechanisms, its length and some of its steric rela¬ 
tionships have been determined, in many cases, by the same methods 
that have been used for the other types of bonds. By the bond 
length we mean the distance between the two atoms which are sup¬ 
posed to be bonded by the proton between them. The precise loca¬ 
tion of the proton has not yet been directly determined, although 
some indirect methods have been used to estimate its position. In 
Table 7 are given some of the observed values of the interatomic 
distances involved in hydrogen bonds. 

The case of formic acid is especially interesting because it is th(' 
only case to date for which the measurement of a hydrogen bond 
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distance has been made in the vapor phase. Tlie reason for this is 
that the bond energy is sufficiently great to produce an appreciable' 
concentration of th(i dimer in the Vapor. The structure is the 
following: 


1.29A 

~c 


H— O 


H—:(; C c;- 

lioA O—H.() 

I 4—- 2.67A —^ I 


-H 


It should be noted that the position of the binding proton cannot 
be specified. It has been estimated for the acetic acid dimen-, from 
the frequencies of tjjje infra-red bands of the proton and deuteron 
bonded dimer, to be 1.07 A from the nearest oxygen atom. This 
places the proton nearer to one of the bonded oxygen atoms than to 
the other. The evidence in this case is not very dc'cisive; but there 
is little doubt that in ice, in which each oxygen atom is bonded by 
protons to four other oxygen atoms at the corners of a tetrahedron, 
two of the four bonding protons arc nearer to the (central oxygen atom 
than are the other two. Although the variation for each type of 
hydrogen bond is much greater than for the covalent bonds, the 
distances are considerably greater, as would be expected for such a 
comparatively weak bond. 

That we are indeed dealing here with something of a bond and not 
merely an association, either polar or van der WaaPs, has been very 
well demonstrated by the work of Hilbert, Wulf, Hendricks, and 
LiddeP on the infra-red absorption of compounds containing OH 
and NH groups. The OH group has an absorption band in the region 
of 7000 cm.“^ which has been correlated with the first harmonic of the 
fundamental O—H stretching vibration at 3500 cmrK The NH 
group shows a similar band in the region of 6800 cm.“h These 
appear in compounds in which no hydrogen bonds are to be expected, 
such as ethanol and phenol for the OH group, and carbazole and 
pyrrole for the NH group, the absorption for which, in CCI 4 solution, 
is given in Figure 14. When, however, we have reason to expect an 
intramolecular hydrogen bond from other evidence, these bands are 


® Wulf, O. R., and Liddel, U., J, Am. Chem. Soc.j 67, 1464 (1936). 





[Ch. V, §17c] 


PHYSICAL PROPERTIES 


119 


completely absent; e.g., salicylaldehyde and acetylacetone having 
0 . . H . . O bonds, and salicylaldehyde anil and /S-naphthol-a-azo- 
benzene having O . . H . . N bonds. The structural formulas for 
these substances showing the ring formation of the hydrogen bonds 
are as follows: 



Salicylaldehyde Acetylacetone Salicylanil 

(Salicylaldehyde anil) 



/3-Naphthol- a-azobenzene 


It should be noted that in all of these compounds it is possible to 
write stabilizing resonance structures of the type 

C 

H 


which would necessitate a coplanar configuration for the chelate 
ring involving the hydrogen atom. 

There are also many compounds which, although they do show 
absorption in the 7000 cm.“^ region, have it shifted both in frequency 
and intensity. In some cases these shifts have proved amenable to 
interpretation in terms of a sort of ds-trans isomerism, depending 
on the position of the hydrogen atom. Thus the two bands shown 
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. 

0-CHLOROPHENOL 
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Cl 

. 
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- U 

1 
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-L—_ 

U 


^t - « » ■ . 

6800 6900 7000 7100 7200 6700 6800 6900 7000 


FREQUENCY, cm--' 


Figure 14. Infra-red absorption for certain O—H and N—H bonds. 


by o-chlorophenol (Figure 14) can be attributed to the presence of 
the two isomers represented by 


H 



ci$ 


tran< 
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The band at 6900 can be assigned to the cis form and that at 

7050 cm.“^ to the irans form, since in 2,4,6-trichlorophenol, which 
has a single band at 6900 cm.~^, only a form analogous to the cis form 
is possible, and in phenol (7050 cm.“^) only a form analogous to the 
irans form may obtain. Furthermore, such a shift due to the inter¬ 
action with the chlorine atom, with a consequent reduction of bond 
force constant, is to be expected. Whether this interaction is to be 
attributed to a hydrogen bond or not, it is sufficient to make the cis 
form more stable than the irans. From the relative areas of the two 
peaks, the cis form is found to be more stable by 1.4 kcals./mole 
(free energy difference). 

The presence of a irans band in the o-chlorophenol and similar 
compounds necessitates a stabilization of the position of the hydrogen 
atom by some force other than the chlorine interaction. This can 
be found in the phenol resonances, 


+ 0 

A- 


/ 


H 


H 


+0 

-A 

+ 0 
A 

\/ 

k/ 


which require the hydrogen atom to lie in the same plane as the 
benzene ring. 

17d. Bond angles. The direct determination of atomic configura¬ 
tions has afforded an excellent confirmation of the conclusions reached 
by the old inductive methods and which were described in Chapter I. 
They can be summarized for the carbon atom by the statement that 
a carbon atom has its four valence directions toward the corners of 
a tetrahedron of which it is the center; a single bond involves the 
sharing of a corner between the two tetrahedra representing the pair 
of bonded atoms; a double bond involves the sharing of an edge, i.e. 
two corners; and a triple bond involves the sharing of a face, i.e. 
three corners. The modern theoretical foundations for these angular 
relationships were given in Chapter III for a very important case, 
the tetrahedral arrangement of the four-covalent carbon atom. 
There is little more that can be said unequivocally about the theoret¬ 
ical work on the angles in organic molecules. The idea of bond 
orbital hybridization (s, p, and sometimes d orbitals) has been ex¬ 
tended in a qualitative way to many atoms with considerable success. 



Table 8 

MOLECULAR CONFIGURATION—BOND ANGLES 


Type 

Angle 

Compound Method* 

/ \ 

tetrahedral 
a = 109°28' (110°) 

Many organic All methods, 

compounds. 

ct 

\ 

o=c V 
/ V 

planar 

a = 122"=!=2°, 124°i!:2° 
/3 = 1 

Ethylene, buta- E.D. 

diene, halo- 
ethylenes 

-feC- 

linear 

Acetylene, diacet- E.D., Sp. 


yleiie, methyl- 
acetylene, di- 
methylacetylene 


a 



planar 

A=C ) » 

^ = n()°±2° 


a = 120°=!rl" 

If 

o 

II 

o 

linear 

>_<)" 

c 

c/ 

planar 
a = 120° 

puckered ring 

i, J. 

c; c 

with tetrahedral 

\ 

o 

/ 

angles 

c 


w 

planar 

c—N 

planar 

0 = 127° ±:r 
a = 116°±:3° 

c—C^N 

linear 

0 

105°-110° 

/ \ 

110°rb5° 

107°=h4° 

s 

92° 

/ 

\ 

91°±4° 

/ 

\ 

pyramidal 

N 

108° 


COCL 


CSCE 

E.D. 

H,CO 


Allene 

E.D. 

C6(CHs)6 

E.D., X-ray 

Benzene deriv. 


Cyclohexane 

E.D. 


Cyclopentane 

E.D. 

CHgN02 

E.D. 

(CN)2, CHsCN 

E.D. 

H 2 O, R 2 O 

E.D., Sp. 
X-ray 

Dioxane 

E.D. 

Fur an 

E.D. 

HaS 

Sp. 

Thiophene 

E.D. 

NHa 

Sp. 


* E.D. s= electron diffraction; 8p. « spectroscopic; X-ray = X-ray crystal analysis. 


122 




(€h. V, §17d] 


PHYSICAL PROPERTIES 


123 


Just as using one s and three p orbitals equally around a carbon 
atom results in four equal tetrahedral bond orbitals, so it is possible 
to use other orbitals in the hybridization process and get other con¬ 
figurations. For example if one s, two p, and one d orbital are usc'd, 
the result is four (equivalent orbitals in a plane and directed toward 
the corners of a square {sp-d hybridization). Ions and molecules of 
the type YF 4 , where X may be Pd'^^, Pt^^, or Ni'^'^, are ex¬ 

amples of such a structure. Some other structures are spW, 
octahedral (PtCl= ) ; ap^, planar with 120° bond angles (BCI3) ; sp, 
lin(‘ar (llgCh*) ; trigonal bii)yramid (PHrr,) ; and apd?, 

letrahedral. It should be borne in mind that these considerations 
apply only to bonds which are predominantly covalent. When the 
ionic contribution becomes very a})preciable, wide departures from 
the above predictions may result. 

In Table 8 are given the angles which have been observed directly 
for a number of the common organic groups. 

In addition to the results to be expected from the tetrahedral 
carbon atom and the (ioncomitant rules, including the linearity of 
triple bonds and adjacent double bonds, we see a number of other 
things which were not so directly deducible. The planar configura¬ 
tion is maintained about a double bond to other atoms as well as to 
carbon, as in Cl 2 C= 0 , Cl 2 C=S, and CH 3 N=NCH 3 . 

The benzene ring is a completely planar and symmetrical hexagon 
while the six-membered saturated ring is puckered so as to maintain 
the tetrahedral single-bond angles. 

In nitromethane the nitro group is symmetrical, indicating the 
resonance 


-N 


0 - 


and 


O 



\ 

o- 


Similar considerations apply for C()I~, NO^, /2CO^ and the like. 

The valency angle for oxygen—105° in H 2 O, 110 ° in (CH 3)20 — 
is considerably larger than what would be expected if two mutually 
perpendicular p orbitals were involved in the binding, while that for 
sulfur (92°) is much closer to the expected value. Pauling has 
attributed the spreading in the case of oxygen to mutual repulsion 
of the attached groups due to the highly polar character of the bond. 
In the case of sulfur the attached groups need not be so close together 
(larger radius of S) and, furthermore, the bonds to sulfur are not 
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so polar. Similar effects are used to account for the spreading of 
the three bonds from nitrogen to 108° in the case of trimethyl amine. 
This spreading becomes smaller as one goes down the column in the 
periodic system, coming to 96° in (CH 8 ) 3 As. 

17e. Free rotation. One aspect of the old concepts of molecular 
structure has been modified as a result of such measurements as 
these. We have been accustomed to the ideas that the parts of a 
molecule connected by a single bond are free to rotate with respect 
to each other about the axis of the bond, and that any multiple 
bond fixes in position the parts connected by it. We have now to 
revise our ideas and realize that these are not differences in kind but 
rather of degree, and that under certain conditions a restriction of 
the rotation about a single bond may be observed. 

Table 9 

CHLORINE-CHLORINE DISTANCES IN CHLOROETHANES AND 
CHLOROETHYLENES 


Cl—Cl Distance 


1.1- Dichloroethane. 2.9 ±.3 

1.2- Dichloroethane. 4.53±.] 

cis-Dichloroethylcne. 3.30± . 1 

iran,'?-Dichloroethyleno. 4.33± . 1 

1,1-Dichloroethylene. 2.9 ±.3 


One of the most clear-cut cases is that of the symmetrical dichloro- 
ethane. The Cl—Cl distance in a group of chlorinated ethanes 
and ethylenes is given in Table 9. These distances, which are 
averages of the temperature variations of vibration or any internal 
rotation there may be, show quite clearly that the equilibrium posi¬ 
tion of the chlorine atoms in the symmetrical dichloroethane must 
be near the trans configuration; i.e., that the two CH 2 CI groups 
do not rotate freely with respect to each other. We may formulate 
this in terms of a potential energy diagram in which the azimuth or 
angle of rotation of one part of the molecule with respect to the 
other is plotted as abscissa and the potential energy of the system is 
plotted as ordinate. As yet there is no direct experimental way of 
detemiining the exact shape of this potential curve, but on the basis 
of certain assumptions a curve has been calculated^® which is not in 
disagreement with the experimentally observed Cl—Cl separation. 
The assumptions regarding the sources of interaction within the 


Beach, J. Y., and Palmer, K. J., J. Chem, Phys,^ 6 , 639 (1938). Beach, 
J. Y., and Turkevitch, A., J. Am. Chem. Soc.^ 61, 303 (1939). 
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molecule which lead to the curve shown in Figure 15 are, in the 
order of their importance, (1) exchange steric repulsions between all 
atoms not bonded together, (2) electrostatic interaction of dipoles, 



Figure 15. Potential energy curve for rotation about a single bond. 


and (3) interaction between orbitals on the carbon atoms. In 
Figure 15, ^ is the angle between the planes determined by the axis 
of rotation and the C—Cl bonds, and E{t) is the energy of the 
system in the trans position; i.e., ir = = 180°. This gives a dif- 
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ference in energy between da and trans forms of about 6 kcals./mole. 
Since this is about ten times the value of RT room temperature 
kcal.), it is to be expected that most of the molecules will be 
in the trough, i.e. in the trans position, and executing only small oscil¬ 
lations about it. 

Similar conclusions regarding the restriction of rotation about a 
single bond have been reached even in the simple case of ethane on 
the basis of measurements of the entropy.“ In this case, however, 
because of the symmetry of the molecule, there are three equivalent 
minima in the potential curve representing the rotation of the two 
CH 3 groups through 360® with respect to each other. 

We shall see other evidences of restriction of rotation, as well as 
(confirmation of the above conclusions, among the measurements of 
dipole moments. 


18. DIPOLE MOMENTS 

So far we have been discussing the methods of measuring, and the 
significance of, the configuration of the atomic nuclei within the 
molecule. These methods give no direct information concerning the 
distribution of the electrons with respect to the nuclear structure of 
the molecule. Since the electrons and nuclei are (jf opposite electric 
charge, they will suffer oppositely directed forces when placed in an 
electrical field, and it is this principle upon which measurements of 
the distribution of electricity within the molecule, and the stability 
of that distribution, are based. 

The molecule can be considered as a system of positive and of 
negative electric charge. If the center of negative charge is at one 
point in the molecule and the center of positive charge at another 
point, as in Figure 16, the molecule is said to have a permanent 
dipole moment and it is quantitatively defined as equal to the product 
of the charge e (+ or —, since they must be equal if the molecule 
has no net charge) and the distance between the positive and nega¬ 
tive centers: 

fji ^ ed (14) 

If, however, d is zero, i.e. if the positive and negative centers coincide, 
the molecule has no resultant permanent dipole moment. It should 
be emphasized that a statement of the value of does not alone give 
any information concerning how much charge is separated or how 
far apart these charge centers are; all that we have is the value of 
the product of the two. 


“ Kemp, J. D., and Pitzer, K. S., /. Am. Chem, Soc.y 69, 276 (1937). 
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Now if a molecule, polar or non-polar (i.e., having a permanent 
dipole moment or not) is placed in an electric field, the forces exerted 
by the electric field on the aggregate of positive and negative charges 


which constitute the molecule 
displace them in opposite direc¬ 
tions, according to their sign, and 
so induce a dipole moment in the 
molecule, which lasts only as 
long as the applied field remains. 
The magnitude of the dipole 
moment induced in a molecule 
l)y unit field is called the polariz¬ 
ability, a, of the molecule: 

Mind. ~ OtF 



Figure 16. Unsymmetrical electric 
distribution resulting in a dipole 
moment. 


where /xind. is the induced dipole moment and F is the applied electric 
field. The polarizability, a, is thus a measure of the ease with which 
the electrons in a molccaiki may be displaced from their normal 

positions. 

If, now, molecules having a permanent dipole moment, m, and a 
polarizability, a, are introduced between the plates of a condenser 
to which unit field has been applied, the total polarization per gm. 
mole will be 


P = P« + P. 


3 


Nol + 


^ N 
3 3kT 


( 16 ) 


47r 47r it* 

where Pa = -jr- Na is the induced molar polarization; P^ = — AT 

3 o 3fCl 

is the permanent molar polarization; N is the Avogadro number; 

k is the Boltzmann constant; and T is the absolute temperature. An 

essential difference between the two polarizations is apparent. When 

the electric field is applied, the electrons are immediately displaced 

independently of the orientation of the molecule as a whole.^^ The 

contribution of the permanent dipole to the polarization, however, 


Actually, the polarizability as here defined includes the opposite dis¬ 
placement of the atoms (positive centers); but, since their masses are generally 
so very much greater than that of the electrons, the atomic polarization can be 
neglected for our purposes. 

The molecule may not be isotropic with respect to polarization—i.e., it 
may have three different polarizabilities in the three directions—but these will 
average out when all orientations are possible in the medium with equal 
probabilities. The small differences which appear when the field is applied 
are negligible compared to the effect of the presence of a permanent dipole. 
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must await the rotation of the whole molecule into the proper posi¬ 
tion and its maintainence in that position. This leads to two im¬ 
portant experimental ways by which the induced polarization may be 
distinguished from the permanent polarization. 

At ordinary temperatures the molecules are in continual motion: 
translational, rotational, and sometimes vibrational. This heat 
motion tends to resist the alignment of the molecules in the electric 
field with a resistance which increases with the temperature. Thus 
the contribution of will decrease with increasing temperature, 
according to equation 16. 

The polarization is measured by the dielectric constant, e, accord¬ 
ing to the well-known relation of Clausius-Mosotti,^^ 

^ = p ( 17 ) 

€ + 2 p 

where M is the molecular weight and p the density. Combining 
this with equation 16, we have: 

P = ^ = + t^^/ZhT) (18) 

€ + 2 p 3 

Thus, if we measure the dielectric constant as a function of tempera¬ 
ture and then plot P against 1/T, the result should be a straight line 

47r 

whose slope is given by from which the value of p may be 

obtained. With this the value of a may be obtained by difference 
or from the intercept on the P axis at 1/T = 0. 

This method is strictly applicable only to molecules in the vapor 
phase, but it may be used on dilute solutions in non-polar solvents. 
In more concentrated solutions and pure liquids, interaction of the 
dipoles is so great as to introduce associations and specific resistances 
to orientation which are not accounted for above. In a dilute 
solution, the total polarization can be calculated on the assumption 
that each substance contributes in proportion to its mole fraction 

P = AiFi + N2P2 

and Ni + N 2 = 1 ( 19 ) 

where Ni and N 2 are the mole fractions of components 1 and 2, 
respectively, and Pi and P 2 are the corresponding molar polariza- 

A more detailed account of the principles involved here may be found in 
Polar Molecules, by P. Debye. Chemical Catalog Co., New York, 1929. 
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tions. Actually, this relation should be extrapolated to infinite 
dilution. 

The other nnethod of distinguishing between the dipole monaent and 
the polarizability arises from the fact that the molecules require a 
comparatively long time to orient themselves in the electric field 
whereas the electrons arc displaced practically instantaneously. 
Thus, if the applied field is an alternating one and the frequency is 
sufficiently high, the dipoles will have insufficient time to orient and 
the resulting polarization will be primarily the result of the polariz¬ 
ability of the molecule. Now, light is a wave consisting of mutually 
perpendicular electric and magnetic fields oscillating at a compara¬ 
tively high frequency. The electric vector of the light beam can 
thus be used as the rapidly alternating electric field, and the relation 
between the refractive index, n, and the dielectric constant is given 
by the Maxwell equations as e = n^. Thus from the refractive index 
we can get a fairly good approximation to the electronic polarization 
according to 




rl_-\ 

71^ -{- 2 p 3 


( 20 ) 


With this equation the dipole moment can be obtained from a single 
measurement of the static dielectric constant. Here again the value 
of the electronic polarization obtained in this manner should be 
extrapolated to infinite frequency. 

The electronic charge is 4.77 X 10“^® e.s.u., so that the dipole 
moment of one electronic charge separated by lA (10“* cm.) would 
be 4.77 X e.s.u. Most dipole moments are of this order of 

magnitude, and the unit of the dipole moment 1 X 10“^* e.s.u. has 
been called the ‘^debye.'^ All the moment values hereafter given 
will be in debyes. The polarizability, a, has the dimensions of 
volume, and the order of magnitude is 10“^^ cm.®. 

18a. Bond moments.^® A number of single atoms have been 
examined, including the rare gases, phosphorus, and sulfur, and have 
l)een found to have no dipole moment. Further, all elementary 
diatomic molecules—H 2 , CI 2 , O 2 , N 2 , etc.- are found to be without 


Unless otherwise specified, all the numerical values of dipole moments 
used in this and the following sections were taken from the following compila¬ 
tions: (a) Fuchs, O., and Wolf, K. L., in Rand- und Jahrbuch der Chemischen 
Physiky Vol. 6, part 1 (Akad. Verlag., Leipzig, 1935); (b) Trans. Faraday Soc.y 
30, Appendix (1934); (c) '‘Sterischer Bau und elektrische Eigenschaften,^* 
by K. L. Wolf and O. Fuchs, in Freudenberg’s Stereochemie (Franz Deuticke, 
Leipzig u. Wien, 1932). 
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dipoles. If, however, two unlike atoms are bonded together, the 
resulting diatomic molecule is always electrically unsymmetrical and 
will have a dipole moment; i.e., HCl(/x = 1.04), IC1 (m — 0.5), CO(/x = 
0.11), NOOu = 0.1). In polyatomic molecules, even though con¬ 
taining bonds between unlike atoms, it is possible to have no dipole 
for the molecule as a whole. This is the case for molecules in which, 
from other types of data, we have reason to believe the atoms are 
symmetrically arranged, such as CCU, SnCU, BCb, SFe, PCIb, 
P-C 6 H 4 CI 2 , trans-Q‘^ 2 ^^ 2 - For other simple polyatomic molecules 
whose atomic arrangement we know to be unsymmetrical, we find a 
dipole moment: NHsCm = L46), HaOC/x == 1.84), PCIsCm == 1.1), 
etc. These facts, together with the knowledge that a dipole moment 
must be a vector leads us to the association of a dipole moment with 
each bond (between unlike atoms, or atomic groups in more com¬ 
plex cases) and to the idea that the dipole moment of a molecule is 
the vector resultant of all the constituent bond or group moments 
to be found in the molecule. The question of the vector addition we 
will consider later. Our next consideration is the source of the in¬ 
dividual bond moments. 

It will be recalled that, in our consideration of the formation of 
the hydrogen molecule from a pair of hydrogen atoms, it was neces¬ 
sary to introduce into the calculation terms which corresponded to 

— 4- 4- — 

the ionic forms H: H and H :H in addition to the exchange of the 
single electrons between the two nuclei. Each ionic form has a high 
dipole moment, but in a homonuclear molecule the two opposite 
forms must of necessity contribute equally, with the result that the 
molecule would liave no permanent moment. If, however, the two 
nuclei between which an electron pair is to form a bond are not 
identical, the contribution of the two ionic forms need not, and in 
general will not, be the same, and the molecule may have a resultant 
moment. It is to this unequal sharing of the electron pair that we 
are going to attribute the appearance of a bond moment. Thus, for 
example, in HCl the electron pair is certainly not shared equally be¬ 
tween the H and the Cl atoms. The electron affinity of chlorine, 
which is a measure of the tendency of the chlorine atom to pick up 
an electron to form chloride ion, is about 4 e.v.^® while that of hy¬ 
drogen is about 0.7 e.v. The ionization potential of the hydrogen 
atom, which is a measure of the tendency of the hydrogen atom to 

An electron-volt (e.v.) is the energy of an electron which has been ac¬ 
celerated through a potential of 1 volt. It is equal to 23,055 cal./mole. 
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lose an electron, is not very different from the first ionization poten¬ 
tial of the chlorine atom (13.5 and 13.0 e.v., respectively), and the 

+ — 

difference in the relative contributions of the two structures H ;C1 
— + 

and H: Cl will be determined primarily by the difference in the elec- 

+ — 

tron affinities. Thus we see that the structure H :C1 must certainly 
contribute considerably more to the ground state of the molecule 
than the opposite ionic structure, with the result that HCl has a 
considerable dipole moment. 

There are other sources of electrical dissymmetry in a bond, some 
of which have at some time been blamed for the entire bond moment. 
For example, the mutual polarization of the atoms as they approach 


Table 10 

DIPOLE MOMENTS OF ALIPHATIC HOMOLOGUES RX 


«\ 

on 

0 

CHiC 

Cl 

CII3 

1.66 

2.73 

1.86 

C2IL 

1.70 

2.76 

2.03 

n-CsHv 

1.66 

2.71 

2 . a5 

n-CJIg 

1.66 

2.70 

1.9 

Ti-CfcH 11 

— 

— 

— 

n-CeHis 

1.64 

2.70 

— 

n-Crllifi 



1.9 

n-CsHn 

1.67 

_ 


Tl-C gll 1 9 

1.60 

2.69 

— 

n-«CioH 2 i 

1.63 




each other to form a bond may contribute quite an important part, 
especially when one of the atoms is as small as a proton. It should 
be recalled that such a term was also introduced in some of the re¬ 
finements of the Heitler-London calculation of the hydrogen molecule. 
But we believe that, for most of the molecules that interest organic 
chemists, this phenomenon is not important. 

A strong bit of evidence indicating that the dipole moment may 
actually be localized in a given bond or group in a molecule is the 
constancy of the dipole moment in a homologous series of com¬ 
pounds. In Table 10 are given the dipole moments of a number of 
the members of three different series. It should be noted that the 
degree of constancy is greatest when the moment need not be at¬ 
tributed solely to the bond between the group and the carbon atom, 
but that more or less of it may reside in the group itself. It is from 
such measurements as these that it is possible to assign either bond 
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or group moments; but, until we have examined the validity of the 
principle of vector addition and the sign of the dipole moment, the 
value of such a general assignment cannot be judged. 

18b. Sign of dipole moment. In order to test the additivity of 
bond or group moments, it is necessary to be able to attach two or 
more polar groups to a rigid structure so that certain geometrical 
relationships between them will be maintained. The most conveni¬ 
ent structure for this purpose is the benzene ring, which we already 
know to be a comparatively rigid planar structure. Thus, if we sub¬ 
stitute the atom A for one of the hydrogens of the ring, the bond 
moments may be represented by the arrows in Figure 17. 



Figure 17. Component dipoles of a mono- 
substituted benzene. 


Benzene itself has no dipole moment, since each of the C—H 
dipoles is balanced by an equal and oppositely directed moment, 
just as the H atoms d, d', 6, and 6' balance each other in this sub¬ 
stituted benzene. Here, however, the moment of the C —A bond 
and the C—H'" bond, although they are along the same line, do not 
balance. They may have the same or the opposite direction and will, 
in general, be of different magnitudes. The resulting molecular 
dipole moment will then be the sum or the difference of the C— 
and C —A moments. 

If now H atom c is also replaced by another A atom, the resultant 
moment will be zero. If, however, it is replaced by another atom 
(or group) B, a dipole moment will result whose magnitude and sign 
will depend on the relative direction and size of the individual 
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CeHs^ and CeHsR moments. Let us take, for example, the molecules 
toluene, chlorobenzene, nitrobenzene, and the several p-disubstituted 
compounds which can bo made with these groups. The observed 
moments are given in Table 11 together with those calculated for 
the disubstituted compounds as suggested above. From this we can 
see that, in whichever direction the displacement of charge is between 
the phenyl and the methyl group in toluene, it must be in the opposite 
direction between phenyl and chlorine in chlorobenzene, and between 
phenyl and nitro in nitrobenzene. 



The question as to what sign of charge the head of the arrow is 
to represent is not answered by these data alone. It is fairly certain, 
however, that the direction of the dipole in CeHsCl is the same as 
it is in HCl and that the arrows as drawn represent the direction of 

Table 11 

COMBINATION OF MOMENTS IN PARA-DISUBSTITUTED BENZENES 


Ci^IeCH,. 

OeHsCl . 

Obs. 

. 0.4 

. 1.55 

Calc. 

C^RsNOs . 

. 3.95 

— 

p-ClC.HiCHs. 

. 1.90 

1.95 

p-NOjC.HiCH,. 

. 4.4 

4.35 

p-ClCeHtNO,. 

. 2.5 

2.40 


displacement of electrons; i.e., that the head of the arrow is negative. 
From such data as these it is possible to place a large number of 
elements and groups in a series according to their tendency to draw 
electrons to them; i.e., according to their electronegativity. (A 
similar series is obtained in Chapter VI from the effects of atoms and 
groups on acid strengths.) But in general these are directions rela¬ 
tive to hydrogen, the direction of the C—H bond dipole being still 
a moot question. All that can be said is that hydrogen attached to 
an aromatic carbon atom is more negative than hydrogen attached 
to an aliphatic carbon atom, since toluene has a small but finite 
positive moment, i.e. a moment whose positive end is toward the 
methyl group. 

18c. Vector addition of dipole moments. The vector combina¬ 
tion of group moments, when these groups are in positions other 
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than para, works fairly well too. Recalling that benzene is a regular 
plane hexagon, the angle between a pair of ortho substituents is 
60®, a pair of meta substituents is 120®, and a pair of para substituents 
is 180®, and the relationships between the constituent and resultant 
moments are shown in Figure 18. If the two substituents are 
identical, the values become /x = \/3 mi (ortho); m = Mi (meta); and 
ju = 0 (para). The validity of these rules for the para j^osition 
we have already seen. In Table 12 are some values for other di- 
substituted benzenes. The meta and para derivatives in general 







Figure 18. Vector addition for disubstituted benzenes. 


give the best agreement between the observed values and those to 
be expected on the basis of simple vector addition. The ortho com¬ 
pounds fail for large groups and are not so bad for smaller groups, 
e.g., F. This can be attributed to a steric repulsion of the large 
groups in the ortho position which spreads them apart, making the 
actual angle between their moments somewhat greater than 60®, 
with a net decrease in the resultant moment. The discrepancy is 
especially bad in the cases of the very large groups such as I and NO 2 . 
A similar effect may be made to account for certain discrepancies in 
another case of a rigid structure where vector addition would be 
expected to be valid, i.e. the case of several polar groups attached to 
the same carbon atom. 

Upon the basis of simple vector addition, it is to be expected that 
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compounds of the type CH 3 X and CHX 3 would have identical 
moments. This arises from the fact that the vector resultant of 
three identical moments at tetrahedral angles is in a direction 
through the face of the tetrahedron formed by these three directions, 
i.e. along the line of the fourth bond of the tetrahedron, and has tlui 
magnitude equal to that of a single one of the components. Actually 
the moment of CH 3 X is always larger than that of CHXa and the 
discrepancy is greater the larger the atom X (Table 13). This 

Table 12 

VECTOR ADDITION OF DIPOLE MOMENTS IN SOME 
DISUBSTITUTED BENZENES 


Cell^xy 

Ortho j 

Meta 

Para 

X 


Y 

(CaUsV) 

Obs. 

Calc. 

Obs. 

Calc. 

Obs. 

Calc. 

CH3 

0.4 

CII3 

0.4 

0.5 

0,70 

0.4 

0.40 

0 

0 

F 

1.43 

F 

1.43 

2.4 

2.48 





Cl 

1.55 

Cl 

1.55 

2.3 

2.67 

1.48 

1.55 

0 

0 

Br 

1.52 

Br 

1.52 

2.0 

2.63 

1.5 

1.52 

0 

0 

I 

1.3 

I 

1.3 

1.7 

2.25 

1.3 

1.30 

0 

0 

NO2 

3.95 

NO2 

3.95 

6.0 

6.83 

3.79 

3.95 

0 

0 

CH3 

0.4 

[ cn 

1.55 

1.3 

1.39 

1.78 

1.79 

1.90 

1.95 

CHa 

0.4 

NO2 

3.95 

3.66 

3.76 

4.17 

4.16 

4.4 

4.35 

Cl 

1.55 

NO2 

3.95 

4.3 

4.91 

3.4 

3.44 

2.5 

2.40 

Cl 

1.55 

Br 

1.52 

2.2 

2.67 

1.5 

1.54 

0 

0.03 


Table 13 


DIPOLE MOMENTS OF SOME IIALOGENATED METHANES 


CHaCI. 

. 1.86 

CHaBr. 

. 1.79 

CHal. 

. 1.60 

CH 2 CI 2 . 

. 1.57 

CH2Br2. 

. 1.39 

CH 2 I 2 . 

. 1.10 

CHCla. 

. 1.15 

CHBra. 

.0.99 

CHI,. 

. 0.91 


could very nicely be accounted for by the spreading apart of the 
larger atoms as compared to hydrogen. Such a spreading has actu¬ 
ally been observed by electron diffraction pictures of the vapors of 
CHX 3 when X is Cl, Br, or I. In the case of Cl, the angle has been 
estimated at 112°. This is just about sufficient to account for the 
observed decrease in moment. 

When the polar groups are attached to an atom other than carbon 
the moment will again be determined by the individual group 
moments and the angles at which they extend from the central atom. 
In the first instance, the existence or non-existence of a moment gives 
a direct clue as to the general shape of the molecule, as we hav(< 
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already seen in some simple inorganic molecules and as we see further 
in Table 14, 


Table 14 

DIPOLE MOMENTS ABOUT SOME ATOMS OTHER THAN CARBON 


(CJIs),0. 

. 1.14 

(C,H5),N. 

. 0 

(C.H5),S. 

. 1.51 

(C,Hc),P. 

. 1.45 

(C,H,),Se. 

. 1.38 

(C.H6),A8. 

. 1.07 

(C.He),Te. 

. 1.13 

(CeH6)sSb. 

. 0.57 

(C.H,),Hg. 

.0 

fC.H.)3Bi , . . . 

.. 0 


The diphenyl derivatives of O, S, Se, and To are all angkid, while 
that of Hg must be linear. The triphcnyl derivatives of P, As, and 
Sb are pyramidal, while those of N and Bi must be planar. The 
case of triphenylamine is an excellent example of the effect of reson¬ 
ance on a bond angle. Ammonia and the aliphatic amines all have 
a dipole moment—(CH 3 ) 3 N, /x = 0.7—and from other evidence, 
such as band spectra or electron diffraction, they are known to be 
pyramidal. The planar structure of triphenylamine can be attrib¬ 
uted to the important contribution of the resonance forms involving 
the unshared electron pair of the nitrogen atom in the rings; 




Exactly similar structures are to be written for each of the other 
two rings, and the double bond contribution between nitrogen and 
the three phenyls requires that they all lie in a plane. 
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In some cases it is possible to calculate quantitatively the angle 
about a central atom from the proper dipole moment measurements. 
Thus diphenyl ether has a dipole moment = 1.14) which, because 
of the S 3 anmetry of the molecule, must be a vector bisecting the 
<t>-0~(t> angle p. If we assume that the angle ^ in Figure 19 remains 
the same in p, p'-dibromodiphenyl ether and the various constituent 
group moments remain the same as they are in the unsubstituted 
diphenyl ether and bromobenzene, it becomes possible to calculate 
the angle The dipole moment of the p, p'-dibromodiphenyl ether 



DIPHENYL ETHER 




np'-DIBROMODIPHENYL BROMOBENZENE 
ETHER 



Figure 19. Dipole moments of diphenyl ether, p,p'-dibromodiphenyl 
ether, and bromobenzene. 


(m = 0.4) must be the sum of p 2 , the resultant of the phenyl-Br 
group moments, and mi ? the resultant of the phenyl-0 group mo¬ 
ments. An examination of Figure 19 will show that m 2 must be equal 
to either 1.14 + 0.4 = 1.54 or 1.14 — 0.4 = 0.74, depending on 
whether p for the dibromo compound is in the opposite or the same 
direction as pi, the moment of the unsubstituted ether. Since P 2 = 
2 X 1.52 X cos i8/2, we have two possible values of corresponding 
to the two possible orientations of the resultant p = 0.4: 119® and 
152®. The angle for p,p'-di-iododiphenyl ether has been found 
from X-ray diffraction work to be 118® ±3°. 

If it is assumed that the bond angles and dipoles of the uns 3 m[i- 
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metrical p-bromodiphenyl ether are the same as those of the sym¬ 
metrical dibromo compound, the 152® angle would be chosen. The 
evidence from the X«ray diffraction is more direct and conclusive 
than that from the dipole of the monobromo compound. 

The double bond is another comparatively rigid structure where it 
is particularly useful to apply at least qualitatively the idea of 
vector addition. The isomers of the symmetrical dichloroethylenes 
present an excellent example of the determination of structure by 
the several physical methods we have so far discussed. We would 
expect the cis compound to have a rather large dipole moment and 





Cl 

^ rc.o 


/ 

/ 




H 



CIS trans 

Figure 20. Dipole moments of cis- and <rons-dichloroethylene. 


the Cl—Cl distance to be small, while the trans should have no 
dipole moment and the Cl—Cl distance’should be large (Figure 20). 
The experimentally observed quantities for the two isomers are: cis 
u = 1.8, rci_ci = 3.30 A; trans^ // = 0, rci-ci = 4.33 A. The observed 
value for the dipole moment of the cis compound is actually consider¬ 
ably smaller than would be expected on simple vector addition. 
This may be due in part to the presence of a twisting oscillation 
about the axis of the double bond with the consequent presence of 
considerable numbers of molecules in configurations having smaller 
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dipoles than that of the rigidly cis form, or to a spreading of the 
bond angles as in the o-dichlorobenzene. However, a large part of 
this discrepancy is probably due to the form of resonance which 
was called upon to account for the small C—Cl distance in this and 
similar compounds. 

Considerations such as these have been used in aiding the deter¬ 
mination of the structure of a wide variety of positional and geometric 
isomers, but it should be borne in mind that the quantitative aspects 
of vector addition are not at all unequivocal. Some of the causes 
for discrepancy have already been mentioned. Another and very 
universal though generally small effect is the polarization of the rest 
of the molecule by the dipolar part, with resulting changes in the 
magnitude of the molecular dipole. 

18d. Dipole moment and rotation about a single bond. In case 
two or more polar groups are attached to a moh^cule in such a way 
as to make possible many orienta¬ 
tions with respect to each other, 
i.e. with at least one single bond 
between the polar groups, the 
principle of vector addition may 
frequently lead to definite conclu¬ 
sions concerning the freedom, or 
lack of freedom, of rotation about 
the single bond. 

The carboxylic acids and their 
esters are probably cases of re¬ 
stricted rotation with a single mini¬ 
mum in the planar position shown 
by the solid lines in Figure 21. 

The dotted lines represent the al¬ 
ternative position. The moments 
of aliphatic esters lie in the range 
of 1 to 1.3, and this, as may be seen 
from the figure, corresponds very nearly to the difference between the 
ketone and ether moments. For the acids, it is necessary to take 
into account the possibility of dimerization. The dipole moment 
of the monomer of formic acid has been assigned the value of 
1.51, which corresponds pretty closely to the vector addition result 
for the configuration shown. 

We have already encountered evidence for a restricted rotation 
in the electron diffraction data on the symmetrical dichloroethane. 


2.7 

A 

O 



/; 

R 

Figure 21. Component dipole 
moments of an ester. 
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The same result appears from the dipole moment measurements on 
this and similar molecules. At 32°C. the dipole moment of the di- 
chloroethane is 1.12. The calculated moments for the cis and 
trans positions, and for the free rotation of the two CH 2 CI groups 
about the bond between them, are 3.6, 0.0, and 2.5, respectively. 
These are obtained in the following way: The carbon-chlorine bond 
moment, /xi, is taken from CH3CI as 1.86. Assuming tetrahedral 
angles, ^ is 71°; and we see that, whatever the azimuth of the C—Cl 
groups may be, the components, 0 always balance each other. 

The components m sin however, add in the cis position and cancel, 
in the trans position, so that Hcu = 2^i sin 6 and jitrans = 0. The 
integration carried out for equal probabilities of all positions, i.e. for 


yU,= I.66 



Figure 22. Component dipole moments of 1,2-di- 
chloroethane. 


free rotation, gives g/.r. = \/2/4i sin 6. At this point another 
important condition should be noted. If the substance consists of 
only cis and trans forms in equal amounts, the measured moment 
would be the square root of the average of the squares of the moments 
of the two forms, i.e. 



and, since in these cases of symmetrically substituted molecules 
M<ran« = 0 and fids = 2/41 sin /4wt*= V2 mi sin 6, which is the same 
result as for free rotation. 

Now, the value 1.12 lies between that of the trans and that for 
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free rotation. This can be understood in the light of the potential’ 
curve of Figure 15. Since the barrier is only about 10 RT at its 
maximum, some of the molecules will be oscillating about the trans 
position into configurations which have an appreciable moment and 
thus give a measurable moment to the molecule. Furthermore, with 
a potential of this order of magnitude, an increase of temperature 
in the range which can be obtained should increase the number of 
oscillating molecules and the amplitude of the oscillations. This 
temperature dependence of the permanent moment has indeed been 
observed for a number of molecules as shown in Table 15 taken from 
the work of Zahn.” It is important to note that, when comparing 

Table 15 

TEMPERATURE DEPENDENCE OF DIPOLE MOMENT 



Temp. Ran^e. T°K 

observed) 

M(for free rot.) 

ClHaC-CH^Cl. 

. 305 554 

1.12-1.54 

2.54 

BrHzC—CH 2 Br. 

. 339-436 

0.94-1.10 

2.54 

BrH2C-CH2Cl. 

. 339-436 

1.09-1.28 

2.54 

0 0 

II 11 

CHsC-CCH*. 

. 329-504 

1.25-1.48 

3.20 

0 

II 

C 1 H 2 C-CCH,. 

. 336-454 

2.17-2.24 

3.0 


dipole moments of molecules with rotatable polar groups, the vapor 
phase measurements arc to be preferred, since the presence of a 
solvent, no matter how inert or nonpolar, may very easily disturb 
the configurational relationship or affect the rotation. 

It is interesting to observe that no temperature variation of the 
moment of monocarboxylic esters or acids has yet been observed in 
the temperature range attainable. This leads to the conclusion that 
the restricting potential must be considerably greater than 10 RT, 
Similar considerations may be applied to substituted benzenes in 
which the substituents are not atoms or symmetrical groups, so that 
the group dipole is not along the axis of the bond to the benzene 
ring. One such case is the hydroquinone dimethyl ether (as is also 
hydroquinone). Because of the valency angle of the oxygen (110°), 
the dipole of the group is at some large angle to the axis of the ben¬ 
zene ring. In anisole itself and such compounds as p-chloranisole, 

Zahn, C. T., Phys. Rev., 40, 291 (1932). 
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in which the second substituent is a symmetrical group, the presence 
or absence of free rotation about the C—O bond cannot be deter¬ 
mined from dipole measurements. This is strictly true for p-disub- 
stituted compounds only. In principle, free rotation should be de¬ 
tectable in meta and ortho compounds of this type; but in ortho 
derivatives the disturbing steric effects are large, and in meta deriva¬ 
tives the difference between free and hindered rotation is small. 
These para derivatives can, however, be used to determine the angle 
B which the rotatable group dipole makes with the axis of rotation. 
Assuming the group moments and //^och^ — 1.23, we can 

calculate the angle ^^73°. This of course will be slightly larger 
than that ('^70®) which would correspond to the oxygen valence 
angle (110°) if the anisole moment were all along the OCH 3 bond. 



p-CH LOROANI SOLE H YDROQUINON E - DlMETHYL 

ETHER 

Figure 23. Component dipole moments of p-chloroanisole and of hydro- 
quinone-dimethyl ether. 


We can now use this angle, assuming it to be unchanged, on the 
hydroquinone dimethyl ether, and we find, according to the formulas 
already mentioned in the case of dichloroethane, that fitrana = 0 , 
fjLcia = 2.34, = 1.67. The observed value is about 1.73. This 

certainly seems to indicate the presence of a free rotation about the 
phenyl-oxygen bond. 

Any hindrance of the rotation w^ould be expected to arise from a 
resonance between the oxygen of the OR group and the benzene 
ring. This would give a double bond character to the phenyl-oxygen 
bond which would tend to hold the alkyl group in the plane of the 
benzene ring, producing cis and trans isomers. If these were present 
in equal quantities, the moment obtained would be the same as for 
free rotation. The measured moment, therefore, does not distinguish 
between free rotation and the existence of equal quantities of the 
ds and the trans configurations. An exactly analogous set of argu¬ 
ments is to be applied to the meta compound, resorcinol dimethyl 
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ether, for which, in the case of restricted rotation, there are three 
possible isomers: 


R 


O. 




T 

'‘O 


R 


R 

\ 

O 





y 


R 


II 



The dipole moments calculated for these three forms, using 1.23 as 
tlie methoxyl moment and 73° as the angle between the moment and 
the axis of rotation, are m = 1.67, /^n = 1.23, and juiii = 2.38. 
The moment calculated for free rotation is ^u/.r. = 1.69. If we as¬ 
sume that the three forms have equal energies, and giving form II 
double weight (because there are two ways in which it may occur), 
the mean moment is 1.63. The ob.servcd moment is 1.59. It is 
thus still not possible to decide the question of free or restricted 
rotation^^ in these and similar cases such as the phenylene diamines, 
xylylene dihalides, phthalic acids and esters, etc. In case of two 
different substituents, e.g., p-aminoacetophenone Hohe. = 4.29, 
M(caic. for free rotation) = 3.89, the Calculated values for free rotation are 
often very far from the observed values. But in these cases the part 
played by resonance is somewhat clearer and will be interpreted in a 
succeeding section. 

We have seen the evidence for the existence of restricted rotation 
in the symmetrical dihalogen-ethanes. As the distance between the 
polar groups is increased, i.e. increasing number of CH 2 groups 
between the halogen atoms, the two dipoles act more and more inde¬ 
pendently of each other, the resulting dipole approaching the value 
M = VTi? -f- /X 2 , which becomes — \/2 mi if the two groups arc 
identical. The dipole moments, Mn , for the compound 

BrCH2(CH2)nCH2Br 


are mo == 1.03, mi = 1.97, m 2 = 2.00, ms = 2.25, m 4 = 2.39, 
M 7 = 2.55, M8 = 2.54, and M/.r. == 2.63. 


“ It is interesting to note that a change of angle from 73® to 70® will leave 
all but one of the calculated moments practically unchanged, that one being 
Ml which becomes 1.57. 
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18e. Dipole moment and resonance. Since many of the resonance 
structures which are written for molecules are electrically unsym- 
metrical, we have reason to expect this phenomenon to make itself 
apparent in the dipole moments of such molecules. In fact, we have 
already attributed the dipole moment which appears associated with 
a single electron pair bond to the presence in the resonance system 

(I) A : (II) A : J5, (III) A : 5, of ionic forms of the type (II) 

or (III), the resulting moment being the weighted average of the 
moments of each contributing form.^® We shall concern our¬ 
selves here only with the resonance which appears in systems con¬ 
taining multiple bonds. 

For an isolated double bond, we might expect such resonance 

contributions as (I) A ::B, (II) .4 : i?, (Ill) A : B . When the 
atoms A and B are the same we should expect II and III to con¬ 
tribute equally if at all with a resulting dipole of zero, e.g., ethylene. 
If the atoms are unlike, the contributions of the forms II and III 
may be very different. In acetone, for example, as in other carbonyl 
compoui^s with a moment around 2.8, a considerable contribution 

from J^ 2 C: 0 : probably obtains, with little from the opposite form 

•.—*. 4 * 

/?2C:0:. Actually, if we assume that the purely homopolar form 

7 ?2C::0: has zero moment and calculate a moment for the form 

+ •. — 

/^2C:0: of about 5.9 (using the double-bond radius sum 1.24 as 


If two forms having the wave functions and 1^2 contribute, the resulting 
wave function will be given by ^ + a 2^2 with a\ -f al = 1. The result¬ 

ing dipole moment will be 





(ai^i + OL2yJ/7)x{a.i\l/i -|- dr 


where x represents the positional co-ordinate of the electrons. Since oti and 
012 are constants whose squares represent the fractional contribution of each 
form, and ^ 2 , we have 

/ = 

But e J yp\x\f/i dr is just the dipole moment of the form \J/i and similarly for ^2 . 

If we neglect the cross-term, we have as a first approximation to the resulting 
moment just the weighted mean of the contributing moments, n “ a\n\ 4- 
• This is assuming the two resonating moments to be along the same line, 
which is usually the case. 
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the carbon-oxygen distance), we find that the ionic form should 
contribute about 47 per cent to the structure of acetone. On the 
other hand, carbon monoxide has a moment of the order of 0.1. 
This might be taken to indicate no resonance at all, but the small 
C—O distance (1.15 A), and energy considerations which we shall 
review in another chapter, indicate a considerable deviation which 
must be attributed to resonance among the forms 

:C::0: :C^or :cT::ot 

I II III 

of which IT and III have about equal and opposite dipole moments 
and must contribute about equally to the state of the molecule. 

Another and very general case which we have already observed in 
the interatomic distance discussion occurs when an atom capable of 
donating or accepting a pair of electrons is attached adjacent to a 
double bond or system capable of analogous resonance, the phenyl 
group. In this case we have the possibilities 

A: :B: C: and A:B::C: ;ot A: :B:D: and A:B::D: 


which correspond 

to the following resonance systems in 

aniline 


:NH2 


+NH, +NH 

2 

+NH 2 


A 




A 


A 

s, 


A 



/ s 



A 

/ 

and nitrobenzene 








0 

0 

-0 


0 - 0- 

- 

0 - 

0 - 

0 - 

N+ 


\ A 

N+ 

fl 


/ 

A. 

h -f 

A 

1 

v 

/ 


u 


\ 






A 


Although no case of bond shortening due to the movement of electrons 
from the double bond system to an acceptor atom or group has yet 
been measured, a number of the opposite type have already been 
considered, namely the vinyl and phenyl halides. In their effects on 
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the dipole moments, both effects are immediatel}'^ a{)j)arent, ‘is we can 
see in Table 16, which gives the moments associated with a number 
of groups in both aliphatic and aromatic combination. With the 
possible exception of amino groups, all the groups listed there arc 
negative with respect to aliphatic carbon, and so we should expect 
the phenyl compounds of those groups capable of accepting an elec¬ 
tron pair from the ring, i.e. NO 2 , COjH, NO, CN, etc., to have 
greater dipole moments than their corresponding alkyl compounds, 


Table 16 

DIPOLE MOMENTS OF ALIPHATIC AND AROMATIC COMPOUNDS* 


R 

X 

CHj 

CH(CPT3)2 

orC(CHa)* 

Soln. 

1 HjC^H 

1 Vapor 

1 CoHfi 

Soln. 

Vapor 

Soln. 

j Vapor 

H 

0 

0 



0 

0 

CHa 


0 



0.41 

0.37 

OH 

1.68 

1.69 

1.66 


1.61 


OCHa 


1.3J 

1.29 


1.16 


F 


1.81 



1.45 

1.57 

Cl 


1.87 

2.14 

1.44 

1.56 

1.73 

Br 


1.80 

2.15 

1.41 

1.53 

1.71 

I 

1.60 

1.64 

2.13 

J.26 

1.30 

1.50 

CHO 


1 2.70 

2.46 


1 2.75 


COCH, 

2.76 

2.85 



1 2.93 

3.00 

COOCsHa 

1.85 

1.76 



1.92 

1.95 

CN 

3.44 

3.94 



3.90 

4.37 

NO 2 

3.02 

3.54 

3.29 


3.97 

4 24 

NO 



2.51 


3.14 


NH 2 


1.23 

1.23 


1.52 


N(CH,)2 

0.7 

0.67 



1.58 



• Trans, Faraday Soc., Sept. 1934; Eucken-Wolf, Hand u. Jahrbuch der Chemischen Pkysik, 6, 
1 (1935); Cowley, E.G., and Partington, J.R.,y.CAewi. Soc., 1252 (1933); 604 (1935); Groves, L. G.! 
and Sugdon, S., J. Ckem. Soc., 971 (1935); 158 (1937); Hugill, J. A. C., Coop, I. E., and Sutton! 
L. E., Trans. Faraday Soc., 34, 1618 (1938). 


while the phenyl compounds of those groups capable of donating an 
electron pair to the ring, i.e. halogen, NH 2 , OH, etc., to have smaller 
dipole moments than their corresponding alkyl compounds. It 
should be remembered, however, that these resonances affect the 
moment only along the axis of the ring and the bond joining the 
group to the ring, so that when there exists a major contribution to 
the moment along some other direction the relationships may not be 
so simple as they have just been stated. Those groups whose major 
component, at least, is along the axis of the bond to the carbon 
atom are the halogens (electron donating groups) and NO 2 and CN 
(electron accepting groups). Here the relationships are very 
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definitely as expected, as they are in the case of the CO and NO 
groups as well. 

A number of attempts have been made to estimate quantitatively 
the amount of contribution of the various resonating forms from a 
comparison of the dipole moments of alkyl and phenyl compounds 
and the assignment of a value to the moment resulting from this 
contribution, called the mesomeric moment. But even in the 
simplest cases of the halogens, difficulties are encountered. In the 
first place, the introduction of the large and polarizable phenyl group 
in the place of an alkyl group permits the possibility of a com¬ 
paratively large induced moment (induced by the intrinsic bond, 
dipole) which would be in such a direction as to increase the resulting 
moment of the molecule. This means that, aside from any resonance 
effects, the dipole moment of, say, chlorobenzene should be con¬ 
siderably larger than that of methyl chloride. Actually an increase 
in moment is observed upon simply increasing the size of the alkyl 
group. Grove and Sugden^^ have attempted to calculate this polari¬ 
zation term for all the atoms except those concerned directly in the 
polar bond and have given the following values for the mesomeric 
moment,/x^rCeHfiF, -1.00; CeHeCl, -0.97;C6H6l, -0.87; (C6H6)20, 
— 0.47 (in each phenyl); anisole, —0.40; phenol, —1.12; acetophe¬ 
none, 0.17; benzonitrile, 0.05; nitrobenzene, 0.29. While this same 
arrangement appears in other compilations, the magnitude may 
vary considerably. One thing they all have in common is the com¬ 
paratively large mesomeric moment for the halogens, phenol, etc., 
and the smaller one of opposite sign for NO 2 , CN, CO, etc. It 
hardly seems reasonable from other considerations that the halogens 
should partake of double bonded resonance to the same extent as 
OH, or that NO 2 or CO should have so much less resonance than OH 
or halogen (in the opposite direction). 

This difficulty can be eliminated, at least partially, by remem¬ 
bering that the phenyl group is negative with respect to the alkyl 
group to such an extent as to give toluene a dipole moment of about 
0.4. It is interesting to note that styrene has been reported to have 
zero dipole moment, indicating a similarity in the character of the 
vinyl and phenyl groups. If this negativity of the phenyl group is 
used to correct the mesomeric moments of Groves and Sugden by the 
subtraction of 0.4 from the negative mesomeric moments and the 
addition of 0.4 to the positive ones, the values appear a little more 


Ref. of Table 16. 
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reasonable, the value for phenol becoming —0.72 and for nitro¬ 
benzene 0.69. These considerations receive some confirmation in the 
next paragraph. 

In the resonance form of nitrobenzene in which the bond between 
carbon and nitrogen is double 


o- 



•it is necessary that the oxygen be in the same plane as the benzene 
ring. Thus we can suppose that, in order that this form contribute 
appreciably to the state of nitrobenzene, it must be possible for the 

Table 17 

DIPOLE MOMENTS OF SOME SUBSTITUTED AROMATIC 
COMPOUNDS* 


Illustrating the Resonance Interaction of Groups and the Stbric 
Requirements for Such Interaction (all in benzene solution) 


Nitrobenzene. 

. 3.95 

Nitrodurene. 

3.39 


Aniline. 

. 1.53 

Aminodurene. 

1.39 

Mesidine. 1.40 

Bromobenzene..,. 

. 1.52 

Bromodurene. 

1.55 


Toluene. 

. 0.41 




Dimethylaniline. . 

. 1.58 



Dimcthylmesidine. 1.03 

Phenol. 

. 1.61 

Durenol. 

1.68 


Anisole. 

. 1.16 




p-Nitroaniline_ 

. 6.10 

Nitroaminodurene 

00 

4-Nitro--s7/m-m-xy- 





lidine. 6.04 

p-Nitrodimethyl- 


Nitrodimethyl- 



aniline. 

. 6.87 

aminodurene. . . 

.4.11 


p-Nitrophenol.... 

. 6.04 

Nitrodurenol. 

4.08 


p-Nitroanisole_ 

. 4.76 

Nitroethoxydu- 





rene. 

3.69 


p-Bromonitro- 


Bromonitrodurene. 2.36 


benzene. 

. 2.66 




p-Toluidine. 

. 1.36 

Pentamethylani- 





line. 

.1.10 


p-Bromoaniline... 

. 2.93 

Bromoaminodu- 





rene. 

2.75 



• Birtles, R. H., and Hampson, G. C., J. Chem. Soc., 10 (1937); Ingham, C. E., and Hampeon, 
G. C., J. Chem. Soc., 981 (1939). - 


nitro group to be coplanar with the ring, and that if for some reason 
this coplanarity is prevented, the contribution of this form will be 
eliminated. This is apparently what happens when a pair of methyl 
groups are placed ortho to the nitro group as in nitrodurene or the 
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mesitylene compound. In Table 17 are given the dipole moments 
of some substituted benzenes, durenes, and mesitylenes. The fact 
that the bromo-compounds, for which there can be no question of 
coplanarity or steric prevention, have practically the same moment 
with and without the methyl groups while the nitro and dimethyl 
amino compounds show a marked reduction in dipole moment upon 
the introduction of the methyl groups, is good indication that we are 
indeed dealing with a prohibition of the mesomeric moment by steric 
influences. Furthermore, if we assume that the mesomeric moment 
is entirely eliminated in nitrodurene, we get as a lower limit to its 
value 0.56. Similarly we have 0.55 for the dirnethylamino group. 
This is not too bad an agreement with the value of 0.69, which was 
obtained by correcting the value of Sugden and Groves for the 
difference in the negativity of the phenyl and methyl groups (0.4). 

The decrease in moment of 0.14 of the aminodurene with respect 
to aniline indicates that even the hydrogen atoms are suflSciently 
large to interfere with the methyl groups, and further gives us some 
clue to the apparent anomaly that aniline (m = 1.52) has a larger 
moment than alkyl amine (g = 1.23). This might be interpreted as 
meaning that the nitrogen in the aliphatic compound is positive with 
respect to carbon and that the difference (0.29) is the increase due 
to the resonance 


H 



However, there would then be no way of accounting for the negativity 
difference between alkyl and phenyl, or the fact that the N—H bond 
angles must be considerably changed by the resonance in aniline so 
as to increase the moment. 

Much of this difficulty can be resolved if one considers all the 
components of the amino dipole in both the aliphatic and aromatic 
compounds shown in Figure 24, and if one assumes that, in the 
aliphatic compound, the component along the N—C bond is such 
as to make the nitrogen negative with respect to the carbon. If 
the resonance decreases this component through zero and then 
increases it in the opposite direction, the result may be a greater 
moment in the aniline than in the amine and with its largest com¬ 
ponent such as to make the phenyl group appear negative with 
respect to the amino group. This is evidenced by the moment of 
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p-chloroaniline (2.92), in which the moments of the chlorine and the 
amino group are nearly additive. Furthermore, if the resonance 


H 



is to play an important part in the structure of aniline, the 
hydrogens must t(md to lie in the plane of the ring. The resultant 
of the two N—H moments would then be in the same direction as 
the nitrogen-phenyl moment. This would further increase the ani¬ 
line moment over that of the amine. 



Figure 24. The direction of the nitrogen-carbon dipole moment. 


When two oppositely resonating groups, such as nitro and amino, 
are attached para to each other in a benzene ring, they interact so as 
to enhance the total resonance over the simple sum of the two inde¬ 
pendent group-phenyl interactions. This is immediately apparent 
when we compare the dipole moment of p-nitroaniline (6.10) with 
the sum of the moments of nitrobenzene and aniline (5,48). This 
enhancement is to be attributed to the presence of the form 


“O 


-o 


\ + 
N=< 


H 


> + / 


/ 


\ 


H 


Here again, and to an even more marked degree, the steric inhibition 
of the completely coplanar configuration by the presence of methyl 
groups will have its effect on the resonance, as is evidenced by the 
reduction of the dipole moment to 4.98 in nitroaminodurene. This 
is not very much greater than the sum of the moments of nitro- 
durene and aminodurene. 
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19. RAMAN SPECTRA AND FORCE CONSTANTS 

In our discussion so far we have considered only the equilibrium 
configuration of molecules in their lowest electronic state. Another 
important characteristic of these electronically unexcited molecules 
is the force resisting any change in these equilibrium atomic con¬ 
figurations. These forces were introduced in the discussion of 
spectra, and it is apparent how they can be determined for some of 
the simpler molecules at the same time that the internuclear dis¬ 
tances are determined from an examination of their infra-red spectra. 
Here again we are limited to relatively simple molecules and to 
relatively high vibrational frequencies, since the lower ones would 
appear in the more difficultly accessible region in the far infra-red. 
In 1928 Sir C. V. Raman^^ discovered an effect that makes it possible 
to observe these vibrational frequencies in the visible region. If 
light of frequency, Ve^ impinges on a molecule, it is possible for that 
light to be scattered without any change of frequency (Rayleigh 
scattering), or it may be scattered with a degraded (lowered) or en¬ 
hanced (increased) frequency (Raman scattering). The lowered 
frequency corresponds to the absorption from the exciting light, Pgy 
of a quantum of energy resulting in the excitation of a vibrational 
state of the molecule, while the increased frequency corresponds to 
the absorption by the exciting light, Vgy of a quantum of energy 
resulting in the dropping of the molecule from an excited vibrational 
state to some lower one. These processes are illustrated in Figure 25 
in which vr is the frequency of the scattered Raman line. In terms 
of the shift of frequency of the exciting line, Ai>, 

hv — hve + hvR or AP — — (21) 

c 

This AP corresponds to some vibrational frequency of the molecule 
as a whole. Now for any given molecular model it is possible to a 
first approximation to analyze all the various modes of vibration in 
terms of a set of principal modes each involving its own set of 
restoring force constants. If one of these principal modes involves 
primarily the vibration of a small mass against a much larger one, 
the frequency associated with it depends mainly on the force constant 


For a complete account of the methods and results of Raman spectra, see 
The Raman Effect and Its Chemical Applicationsy by James H. Hibben (Rein¬ 
hold Publishing Corp., New York, 1939), and Der Smekal-Raman Effekty by 
K. W. Kohlrausch (Julius Springer, Berlin, 1931 and 1938). 
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of the bond and the mass of the smaller part of the vibrating system, 
and is relatively independent of the nature or structure of the rest 
of the molecule. Such a frequency is called a valence vibration fre¬ 
quency and is associated with the particular bond most concerned in 
the vibration. This system can be treated as a two-mass problem 



or hv^-\)Ve^\)V 


Figure 25, Energy levels involved in Raman scattering. 


(mi — smaller mass, m 2 = larger mass) with the force constant / 
between them; and, if the force is strictly harmonic, the frequency 
will be 



where M, the reduced mass, is given by 


2 ^ 

M 


mi m2 


It is thus apparent why the larger mass m 2 has very little effect on 
the frequency if m 2 > > > mi. 

In general, for a molecule consisting of 71 atoms there are 3?i — 6 
normal modes of vibration, each having its own characteristic fre¬ 
quency. The number of different frequencies may be reduced by 
the presence of certain elements of symmetry in the arrangement of 
the atoms. The number of these frequencies which may be expected 
to appear in the Raman or infra-red spectra is still further reduced 
by the existence of certain selection rules based on the symmetry of 
the vibration and the change of polarizability for Raman spectra or 
the change of dipole moment for infra-red spectra. In spite of these 
reductions, the complexity of Raman spectra has made the complet/C 
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analysis and assignment of frequencies and force constants extremely 
difficult except in the case of the simpler and more symmetrical 
organic molecules. But a tremendous number of organic compounds 
have been examined, and in many cases the persistence of a particular 
line through a series of compounds, together with the rules given 
above, has made it possible to assign certain characteristic frequencies 
to particular bonds. This sort of empirical analysis has proved very 


Table 18 

CHARACTERISTIC GROUP VIBRATIONAL FREQUENCIES 


R = Alkyl 


Group 


Molecule 

Group 

Ar(cm .“0 

Molecule 


[ 1973 

HC^CII 


750-1100 

Open chains 

C-^C .. . 

U-2118 



992 

CjH. 


[-'2235 

RCe^CR 

C- c 

802 

Cyclohexane 

feN .. 

—2245 

EC—N 

886 

Cyclopentane 

N=N ... 

2329 

N 2 


—960 

Cyclobutane 


1621 

H 2 C=CH 2 


1184 

Cyclopropane 


—1642 

ECH=CH 2 

C-OH 

1032 

CkjOH 

r=-(^ . . .< 

—1658 

KCH^HC/e cis 


f—570 

E 3 CCI 


—1674 

ECH=HCE trans 

('' m 

—610 

7e.X'HCl 


1676 

/^ 2 C==CE 2 


—650 

ECH 2 C 1 

c=o ... 

16,50-1800 

Various 


710 

CHaCl 

C=N .... 

1560-1660 

i 1 

C-SH. 

About the 

same as the 

N= 0 . ... 

—1640 

EONO 


C - Cl series. 

C=S .... 

—1523 

CS 2 


[—510 

EsCBr 

O H .. 

—3400 

EOH 

C—Br. sj 

—530 

/^aCHBr 


f 3310-3370 

Rmiz 

—560 

ECHaBr 

N~-H .. .| 

—3330 

E 2 NH 

1 

594 

CHjBr 


—3335 

E 2 C=NH 

1 

—480 

EsCI 

S-H... 

—2575 

ESH 

C—I... 

—490 

E 2 CHI 


^ 2700-3000 

ECHs 

—500 

ECH 2 I 


3000-3100 

E2C==CH2 

1 

522 

CHsI 

C—H... ^ 

3213 

HCN 





—3310 

EC=CH 





—3062 

CeHe 





helpful in the determination of structure and even in qualitative and 
quantitative analysis of mixtures of organic substances. In Table 18, 
compiled by Kohlrausch, are given some of the frequencies which 
have been identified as belonging to a particular bond, together with 
the type of compound in which they have been observed. 

19a. Force constants. The force constants /, characteristic of a 
bond and independent of the masses of the bonded atoms, are derived 
quantities whose values depend upon the type of analysis which is 
made of the possible vibrations of the molecular model. As a result 
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they are available only from the simpler molecules although a fair 
approximation is obtained by simply using the assigned frequency 
together with the masses of the two atoms concerned in the bond, in 
the relation 



In Table 19 are given the stretching force constants for a number of 
bonds together with the molecules in which they were determined. 


Table 19 


FORCE CONSTANTS CHARACTERISTIC OF BONDS IN SOME 
POLYATOMIC^ MOLECULES 


/(dynes/cm. 

Molecule 

1 /(dy nos/cm. 

Molecule 

Bond 

X 10 M 

or (iroup 

Bond 

X 10 ^ 

) or Group 

0 

15.7 

C2H2 


^5.9 

C2H2 


[17.9 

HCN 


5.8 

HCN 

CsN ^ 

16.7-16.9 

CJl-,Br-,ICN 

C—H. 

5.0, 4.9 

(TL 


17.5 

(CN). 

5,0 

C2H4 

1 

14.6 

N2O 


4.8 

-CIL- 

N=N. ^ 

15.0 

N," 


5.0 

Celle 


22.0 

N, 


5.0 

C2He 

o=c.j 

( 9.5 

c. 

c—c... . 1 

4.8 

(CN)s 

1 8.2-9.8 

C2H4 

1 

7.6 

CeHe 


T3.4 

CH2O 

C--0. 

4.5 

(CH8)20 

C-=0. 1 

14.2 

COS 

C-S. 

3.0 

(CH3)2S 

,15.3 

C02 

C—F. 

5.8, 5.04 

CH3F 

d 

II 

19.0 
f 9.1 

CO 

N02 

0 

1 

g 

f3.4, 3.G 
[5.2 

CHaCl 

CICN 

[13.7 

N20 

C—Br.... j 

2.9 

CHaBr 

s=o. 

10.0 

S02 

,4.2 

BrCN 

C=s. I 

f 7.6 

CS2 

c->.1 

2.3 

CH3I 


[ 8.0 

COS 

,3.0 

ICN 

0 — H. 

7.0 

H20 

C—N. 

4.9 

CH3NH2 

N—H. 

6.4 

NH, 

N~N. 

3.6 

H2N—NH* 

S— H . 

4.0 

HjS 

+ 


+ 

F—H. 

8.6 

HF 

N—N. 

4.5 

H2N—NHs 

+ 4" 

H— H . 

5.1 

H 2 

N-N". 

5.4 

H3N—NH, 


Although the values for each type of bond vary a good deal from 
compound to compound and even for the same compound by different 
investigators, there is some regularity for bond multiplicity. Single 
bonds have values below 7 X 10^; double bonds lie between 7 and 
15 X KP; and triple bonds have values above 15 X 10^. We thus 
have again evidence for the triple bond resonance in CO, whose force 
constant is 19.0 X 10®, and even for CO 2 , whose force constant is 
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15.3 X 10®. The value of 7.6 X 10® for the aromatic C—C bond 
lies between those for ethane, 5 X 10®, and ethylene, 9 X 10®. 

It is of interest to know the energy required for the stretching or 
deformation of bonds, since these quantities will be involved in our 
considerations of chemical reactivity and various kinds of steric 
effects. The energy reciuired to stretch a bond from its equilibrium 
position is given by AE = where Ax is the displacement 

from equilibrium. In order to stretch a carbon-carbon single bond 
.1 A (which is the order of magnitude of the amplitude of a vibra¬ 
tion), the cnc^rgy required, per mole, is approximately 3600 cals. On 
the other hand, since the force constants for deformation, i.e. dis- 
j)lacement in a direction normal to the axis of the bond, are about 
one-tenth those of stretching, the energy for an equal displacement 
in this direction would be only about 360 cals./mole. Thus we see 
that at room temperature, where RT = 600 cals., these deformation 
vibrations will be highly excited and the angles between bonds, of 
which we have already spoken, can be hardly more than an average 
of rather large displacements. Furthermore, in considering the 
mechanisms by which molecules react, it must be kept in mind that 
it is much easier to avoid a repulsion between atoms or groups by 
permitting an angle change than by most other mechanisms. 

20. COLOR 

So far we have considered in some detail the equilibrium positions 
of the atoms in the molecule and their displaceability from these 
equilibrium positions (force constants and vibration frequencies). 
Further, we have considered the equilibrium configuration or distri¬ 
bution of the electrons within the molecule (dipole moments, electron 
density maps, and, for simple molecules, the spectroscopic descrip¬ 
tion of the ground electronic states of molecules). We now have 
left a consideration of the displaceability of these electrons from 
their equilibrium configurations in their ground states. We have 
already encountered a term which is in effect a measure of this dis¬ 
placeability, namely the polarizability (see section 18). Since the 
molecule as a whole and especially its electrons must be subject to 
the quantum restrictions, the electrons cannot be considered as con¬ 
tinuously displaceable but rather as capable of existing only in a 
series of different electronic states, ^o, ^ 2 , • • • ^^‘'Ch of whose 

energies will be denoted by i?o, Ei, • • • Ej, where the subscript 0 
refers to the state of lowest energy, i.e. the ground state, and the 
other subscripts 1,2, • • • j refer to the several possible excited states 
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in the order of increasing energy. With each state will be associated 

E 

a frequency, vo, vu ^ • Vj, given by the Bohr relationship Vj = . 

Now, the classical dispersion formula of Drude, which gives the 
relationship between the polarizability a and the characteristic fre¬ 
quencies of the molecule, can be expressed in these terms by 


„ = l V_ fio _ 

m ,>60 {vj — Po) p 


( 22 ) 


In this equation is the polarizability of the molecule when subjected 
to an alternating field of frequency p; e and m are the electronic 
charge and mass, respectively; fjo is a measure of the probability 
that the molecule will undergo the transition from the electronic 
state \pQ to the electronic state xpj. Now, the term 

E, - E, 

Vj — Vo — -f-= VjO 

n 


is simply the frequency of the light which is absorbed by the mole¬ 
cule in going from state \po to state \pj. Therefon^, the problem 
becomes one of determining the absorption bands of the molecule. 


Table 20 

AT3SORPTION WAVE LENGTH AND VISIBLE COLOR 


Wave-length region, 

A 

4000-4350. 

Color Absorbed 

(’omi])lomentary 
or Visible Color 

. Violet 

Yellow green 

4350-4800 . 

. Blue 

Yellow 

4800-4900. 

. Green blue 

Orange 

4900-5000. 

. Blue green 

Red 

5000-5600. 

. Green 

Purple 

5600-5800. 

. Yellow green 

Violet 

5800-5950. 

. Yellow 

Blue 

5950-6050. 

. Orange 

Green blue 

6050-7500. 

. Red 

Blue green 


When these absorption bands are in the range of visible light (about 
4000-7500 A), the molecule appears colored. If the absorption is a 
single band, the visible color will be approximately the complementary 
color of the one absorbed. In Table 20 is given a series of wave¬ 
length regions together with the color absorbed and the comple¬ 
mentary color or the visible color. It should be remembered that, 
in the first place, these designations of color are purely subjective 
and, secondly, that the absorption is very frequently not a single 
band, or it may stretch throughout the visible region with varying 
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intensity, in which case it is impossible to say what color will appear 
to the eye. 

20a. Older theories. The correlation between the color of an or¬ 
ganic compound and its structure has interested chemists almc»st 
from the very inception of organic stnu^tural formulas. It was veiy 
early recognized that some sort of unsaturation was necessary in 
order that a compound be colored, i.e. absorb visible light.^^ This 
idea was further elaborated by Witt,*^^ who designated certain un¬ 
saturated groups as chromophon^s, with the stipulation that their 
presence was recpiired in order that a compound be colored. Further, 
he designated another set of groups, generally saturated, i.e. con¬ 
taining no double bonds, as auxochromes, and their presence en¬ 
hanced the chromophoric properties of the chromophores. These 
ideas of unsaturation and chromophoric and auxochromic character 
have undergone many developments and ramifications until in recent 
years they find their culmination in the theories of Dilthey and 
Wizinger, so ably expounded by Wizinger.^^ We will not pursue 
these theories any further, since they cannot yield any quantitative 
correlations, and very complete expositions of them may be found 
in a number of comparatively recent reviews.^’’ 

20b. Quantum mechanical calculations. Absorption of light by 
organic comiiounds in any region but the far ultra-violet is certainly 
associated with the phenomenon of resonances in systems containing 
multiple bonds.^*^ This is especially true of dyestuffs, which contain 
many double bonds and aromatic groups in conjugation, and a 
number of attemjits have been made to calculate the absorption 
spectra from almost first principles for a number of simpler conju¬ 
gated systems.The method that is used is exactly the one illus¬ 
trated in the case of benzene in Chapter IV. It will be recalled that 
the solution of the secular equation given there had two roots: 
Wg Q + 2.4a and We = Q. Wg = Q + 2.4a was designated as 


** Graebe, C., and Liebermann, C., Rer., 1, 106 (1868). 

« Witt, O. N., Rer., 9, 522 (1876). 

** Wizinger, R. K., Organische Farbstofe. Ferd. Dummlers Verlag, Berlin 
u. Bonn, 1933. 

(a) Martinet, J., **Couleur et constitution chimique,’’ Traits de Chimie 
Organique; sous la direction V. Grignard; Secretaire G6n6ral, Paul Band. 
Tome II, Fascicule II, 653 (1936). 

(b) Ramart-Lucas, P., “Structure des molecules et spectres d’absorption,“ 
ihid.f Tome II, Fascicule I, 59 (1936). 

“ Bury, C. R., /. Am. Chem. Soc., 67, 2115 (1935). 

Sklar, A. L., J. Chem. Phys.^ 6, 669 (1937); Forster, T., Z. Elektrochem 
46, 548 (1939). 
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the energy of the ground state, and it is suggested that IT, = Q is 
the energy of the first excited state. Thus the frequency of the 


first absorption band of benzene should be 


2.4a: 


Now the same 


calculation has been carried out for a number of other condensed 
ring system hydrocarbons with the results shown in the second 
column of Table 21. If the value of a is taken as 49 kcals./mole, 


Table 21 

CALCULATED ABSORPTION OF SOME HYDROCARBONS 


Molecule 

Excitation 

Energy 

Wave Ijength of the First Absorption 
Band in A 

Calc, with 
a =» 49 kcala./mole 

Observed 

Benzene. 

. 2.40a 

2450 

2550 

Naphthalene.. . . 

. 1.97a 

2950 

2750 

Anthracene. 

. 1.60a 

3650 

3700 

Naphthacene. 

. 1.31a 

4500 

4600 

Pentacene. 

.. 1.08a 

5450 

5800 

Phenanthrene. 

. 1.94a 

3000 

2950 

Pyrene. 

. 1.70a 

3450 

3300 


which is simply the best value for these particular data and is some¬ 
what larger than the value used in the bond energy calculation, the 
results given in the third column of the table are obtained and are 
to be compared with the experimental values given in the last 
column. Similar calculations have been carried out for the simple 
conjugated polyenes and for fulvene, 

HC=CHv 
I )C=CH*, 

HC=CH/ 

with fair agreement if the value of a is somewhat adjusted. While 
it is true that eventually some such calculation as this will probably 
be found which will give the correct results, it seems useful to try 
to find a point of view which will permit the consideration of the 
more complex and important substances such as the dyestuffs, recog¬ 
nizing the overwhelming importance of the resonance phenomenon 
in the production of color in organic molecules. Such an attempt has 
been made by Lewis and Calvin,“ and the following short presenta¬ 
tion is based upon the suggestions made there in some detail. 


** Lewis, G. N., and Calvin, M., Chem. Rev,, 26, 273 (1939). 
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20c. Complexity of spectra. By far the largest amoimt of data 
on the absorption spectra of organic compounds has been obtained 
for solutions. These spectra are rarely lines; usually they are spread 
over rather wide regions of wave length. They may be recorded as a 
plot of the molar extinction coefficient e as ordinate against the wave 
length X or the frequency or better yet the wave-number v as 
abscissa. The molar extinction coefficient is given by 


cx 


md ® /x ’ 


where 7ox is the intensity of the light of wave length X which pene¬ 
trates a thickness d in cm. of the pure solvent, and I\ is the intensity 
of the light of wave length X which penetrates a thickness d of a 
solution of molarity m. 

It must be recognized at the outset that the absorption spectrum 
of an organic compound may be complex for any of a number of 
reasons not directly coiK^erned with the complexity of the electronic 
states associated with the isolated molecule, and that it will be neces¬ 
sary at first to distinguish and eliminate these complications, which 
for the moment an^ secondary, before any serious attempt at cor¬ 
relation can be made. 

One of the most important and widespread sources of this sort of 
complication is the presence in the solution of more than a single 
molecular species even though an analytically pure solute is used. 
There are at least five different ways in which this can come about: 

1. There may be easily converted isomers present whose absorp¬ 
tions may be quite different from each other. For example, some 
of the complexity of the spectrum of azobenzene has been resolved 
by the discovery and isolation of the cis and trans forms of the 
compound. Similarly, the presence of two bands in the infra-red 
spectrum of o-chlorophenol has been doubtlessly correctly interpreted 
as being due to the presence of the two isomers 


Cl H Cl 



As an example of a tautomeric equilibrium which makes itself 
evident in the spectrum, we may recall the benzene azo-a-naphthol 
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in which both forms 



are present in sufficient quantity to make their respective absorp¬ 
tion bands appear in the spectrum. 

2. The solute may exist in solution not only as a single molecule, 
but also in the form of certain very definite polymers (dimers, 
trimers, etc.), each of which has its own characteristic absorption. A 
great many aromatic molecules exhibit this phenomenon and con¬ 
siderable care must be exercised in the interpretation of their spectra. 

3. The solute may form definite solvates with a certain number of 
solvent molecules—e.g., chloral hydrate—and in certain cases these 
may exist in equilibrium with the unsolvated solute, thus producing 
more than one absorption region. 

4. The colored substance may and frequently does have acid or 
basic properties, and it may be capable of combination with acid 
or basic solvents so as to give new molecular species with different 
absorption spectra. Many such cases have been analyzed, among 
the first of which is that of crystal violet, studied by Adams and 
Rosenstein.^^ 

5. The solute may be capable of dissociation to produce differently 
colored ions in equilibrium with the undissociated substance as, for 
example, triphenylmethyl chloride in chlorobenzene solution. 

Having considered all of these possibilities of more than a single 
molecular species, there still may be present a number of absorption 
maxima. Some of these have been correlated with a number of 
vibrational states in either or both electronic states involved in the 
particular region of absorption concerned. They are usually more 
sharply defined if the samples are cooled to very low temperatures. 
Such vibrational structure is well exemplified by the various maxima 
in the absorption spectra of the diphenylpolyenes^^ at low tempera¬ 
tures, shown in Figure 26. It is to be noted that each vibrational 
band still has a very appreciable width. This broadening may be 


Scheibe, G., Kolloid Zeit,j 82, 1 (1938). 

Adams, E. Q., and Rosenstein, L., J. Am. Chem. Soc., 36, 1452 (1914). 
Hausser, K. W., Kuhn, R., and Seitz, G., Z. phyaik. Chem., B29, 391 
(1935). 
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due to any or all of a number of reasons. There may be such a high 
density of very low-frequency vibrational states in the upper elec¬ 
tronic state as to appear almost as a continuum of energy within a 
certain range. Or the probability of transition from the initial ex¬ 
cited vibrational state to another excited vibrational state may bo 
very high, so that the mean life of the initial excited state is very 
low, of the order of 10“^^ to sec. By the uncertainty principle 



Figure 26, Absorption curves of diphenylpolyenes in ether- 
alcohol mixtures at —196°. 

of Heisenberg, which states that the uncertainty in the energy (AE) 
and life (r) of a molecular state are connected by the relationship 
AE X r hy the energy of the initial excited state would be inde¬ 
terminate to within several hundred wave numbers. This type of 
broadening has been called the natural width of the band. Lastly, 
the presence of the solvent molecules produce perturbing electric and 
magnetic fields around the absorbing molecules so as to greatly in¬ 
crease the number of excited states close together (analogous to the 
pressure broadening of spectral lines of gases due to Zeeman and 
Stark effects). 
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20d. Electrons as quantized oscillators. Even after all of the 

above-mentioned sources of complexity have been eliminated or 
accounted for, wo still frequently find in an absorption spectrum, 
taken through the visible and well into the ultra-violet, a number of 
separate electronic bands. It has been possible to classify and inter¬ 
pret, in some cases quantitatively, these spectra on the basis of the 
assumption that the electrons in the molecule are acting as oscillators 
subject to the simple rules of quantization, and whose types of 
oscillation are indicated by certain of the resonance forms con¬ 
tributing to the state of the molecule. 

The principles can best be introduced in terms of the isolated single 
and double bonds although, as will be seen, these are the cases for 
which this type of approximation is least applicable. Consider first 
the single bond, and we will use here only the carbon bonds although 
exactly analogous considerations apply for others as well, as repre¬ 
sented in a molecule such as ethane. On the basis of the ideas de¬ 
veloped in Chapters III and IV, we write for the structure of ethane 
the one major form A and the two very minor polar forms B and C: 

H3C:CH3 HaC :CH 3 H 3 C: CHg 

HsC— CH3 HaC CH3 HsC CH3 

ABC 


It is to the excitation of electronic oscillations whose extremes are 
represented by B and C that the absorption of light is attributed. 
If it is assumed that these oscillations are those of a linear harmonic 
oscillator, the energy states associated with it are given by En ~ 


(n + i)hvo; Poj the fundamental frequency, is given by z'o = A/ 

27r V' m 

where k is the restoring force constant for the oscillator and m is its 
reduced mass (see equation 6 ). Exactly similar considerations apply 
to the isolated double bond, which may be written in terms of three 


resonance states: a major homopolar one A and two minor polar ones 
B and C : 


R2C=CR^ 

A 


R2C — CR2 

B 


R2G — CR2 

C 


The polarization of the second bond of the double bond is neglected, 
since a state involving the polarization of both bonds, in the sense 
here indicated, would have an extremely high energy. In other 
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words, the restoring force constant k would be very high and hence 
its absorption would appear only in the far ultra-violet. A similar 
difference in the restoring force constant between the single and the 
double bond may also be construed as the essential difference betwe(in 
them, giving the single bond an absorption in the far ultra-violet, 
while the double bond'has its characteristic absorption at considerably 
lower frequencies. Further, the varying chromophoric power of the 
different double l)onds can then be considered as the different value 
of k for each type of double bond. The order of decreasing k, or 
increasing chromophoric activity, is: 

R,C=CR2, /e2C=Ni^, /^2C=0, 72N=N/2, i?2C==S. 

However, a molecule must contain more than one oscillator of any 
of the first three types in order that its absorption reach down into 
the visible region. This then, in general, will lead to an oscillator 
in more than one co-ordinate, usually in two and sometimes in three. 
We will consider first the case in which these multiple oscillators are 
arranged in a molecule in such a manner that the molecule can be 
considered as a system of linear oscillators all having the same direc¬ 
tion, or as a single linear oscillator. 

20e. Approximately linear oscillators. There are at least three 
different types of linear oscillators, represented by (1) the diphenyl- 
polyenes whose absorptions are shown in Figure 26, (2) the cyanines, 
and (3) the para-polyphenyls. Most linear oscillator types of mole¬ 
cules belong to one of these three classes or to some type intermediate 
between them. The diphenylpolyenes can be represented by the 
following type structures, omitting the terminal groups: 

c=c—c=c—c=c c—c=c—c====c—c 

A B 

C—C=C—C=C—C 
C 

of which A is the major form and B and C are the minor forms. The 
essential characteristic of these molecules is the fact that they consist 
of a chain of conjugated double bonds. The forms B and C repre¬ 
sent merely the limits toward which the oscillation tends; these limits 
are certainly never actually attained. The molecule may be con¬ 
sidered as a whole and thus be a single linear oscillator, or it may be 
considered as a system of three oscillators moving exactly in phase. 
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The final result can be made the same, but it is somewhat simpler to 
consider it from the latter point of view. In that case the net result 
of the concerted motion of all the oscillators, each having the same 
force constant k, is simply that of an oscillator of force constant k 
and mass nm, where n is the number of oscillating units and m is the 



n 


Figure 27, Plot of the square of the wave length of 
the first absorption band of the diphenylpolyenes 
against the number of units of the polyenic chain. 

mass of each unit. It should be noted that in this case the main 
source of the restoring force is still the neighboring nuclei bounding 
each unit. There is comparatively little overlapping of the electron 
density of one unit on the next. Only a very small perturbation is 
required in order that the several units oscillate in phase. Thus, the 
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characteristic frequency for the series of molecules represented by 

is given by 


Vq = 



nm. 


The wave length of the first absorption band corresponding to the 
transition, Ei — Eq = hvo , is given by 

27rc 

and by including all the constant terms in a new constant we get 
= k'n. In Figure 27 are plotted the data of Hausser, Kuhn, 
and Seitz (Figure 26), with Xo as ordinate and the number of double 
bonds between phenyl groups as abscissa. The very close approach 
of the individual points to a straight line is excellent verification of 
the linear relationship. From the intercept on the n = 0 axis, we 
find that, in order to make \l not only linc^ar with 7i but actually pro¬ 
portional to it, a value of 2.35 double bond units must be assigned to 
each terminal phenyl group. There are other ways of formulating 
this end effect, so that this evaluation is not critical. 

There is another type of linear oscillator whose characteristic fre¬ 
quency Vo depends on the size of the oscillator in quite a different 
manner from the one just discussed. This type is best exemplified by 
the ion of cyanine, for which the two equally contributing identical 
energy structures, A and Bj may be written: 



In contrast to the diphenylpolyenes, in this case, the electron distri¬ 
bution between carbon atoms (1) and (2) and between carbon atoms 
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(2) and (3) is the same. In fact, the electron density distribution 
between the two terminal nitrogen atoms is without doubt not an 
oscillatory one, although not necessarily constant. The restoring 
force on these electrons arises primarily from the presence of the 
neighboring electrons, and hence the analogous model is that of the 
elastic string undergoing longitudinal vibrations, and for which the 



Figure 28. Plot of the wave length of the first ab¬ 
sorption band against the number of double bonds be¬ 
tween the nitrogen atoms for a series of carbocyanincs. 


frequency is inversely proportional to the length. Thus we have to 
expect the wave length of the first absorption maximum to increase 
linearly with the number of double bonds between the nitrogen atoms. 
Such a plot is shown in Figure 28 for the longest series of carbo- 
cyanines for which measurements are available. Here again the 
agreement is excellent. 
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The third type of molecule which may be classed as a linear 
oscillator, but different from those already mentioned, is that repre¬ 
sented by the para-polyphenyls, the absorption of a series of which 
has been measured by Gillam and Hey.^^ In this case the two struc¬ 
tures (joncerned in the absorption of light are represented by the 
formulas; 



It should be noted that these forr 
of the Kekule resonance. When 
small, the percentage increase in 
group is sufficiently gix^at to out¬ 
weigh the additional energy re¬ 
quired to break the Kekuk^ re¬ 
sonance; but, as the number of 
phenyl groups increase's, the per¬ 
centage increase in length be¬ 
comes smaller until it is no longer 
sufficient to outweigh the loss of 
the Kekule forms. Hence we 
may expect an increase in the 
wave length of maximum absorp¬ 
tion for each additional phenyl 
group, which gradually decreases 
as the length of the chain in¬ 
creases. These molecules may be 
considered as oscillators of the 
same general character as the 
diphenylpolyenes; but they differ 
in that there is not only an in¬ 
crease in m as the length of the 
chain increases but also an in¬ 
crease in fc, so that finally a maxi¬ 
mum wave length is reached 
beyond which additional phenyl 


contribute only at the expense 
the number of phenyl groups is 
length for an additional phenyl 



Number of Phenyl Groups 


Flgtire 29, Plot of the square of the 
wave length of the first absorption 
band against the number of phenyl 
groups for a series of para-poly- 
phenyls. 


groups have only the effect of increasing the probability of absorp¬ 
tion without changing the wave length. The results of Gillam 


and Hey are exactly these, and Figure 29 shows a plot of the 


“ Gillam, A. E., and Hey, D. H., J. Chem. Soc., 1170 (1939). 
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square of the wave length of the first absorption maximum against 
the number of phenyl groups in the chain. 

2Qf. Conjugation, insulation, partials. One of the directly ap¬ 
parent deductions from this concept of the absorption of light by 
approximately linear molecules is the effect of a break in the conju¬ 
gation through the chain. This break in the conjugation has been 



Figure 30. Absorf)tion curves of some azo dyes in alcohol. 

I, (CHa)2N—>—< >-N==N-< >~N(CH3)2 
II. (CH3)2N-<(^ '-<Z3>--N (CH8)2 

III. (CH8)2N-<3^N=-N-~<^^ (2 X e) 

called an insulation effect, since the conjugated chain acts as a 
conductor of electricity and the break in the conjugation as an 
insulation between the two conjugated parts. It is to be expected 
then that a completely conjugated system will have an absorption 
characteristic of the molecule as a whole, but if that conjugation is 
broken, by the insertion of a CH 2 group for example, the absorption 
will be more nearly characteristic of the two independently conju¬ 
gated parts. An excellent example of this is afforded by the measure- 
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merits of Piper and Brode*^ on some azo dyes. In Figure 30 are 
shown the absorption spectra of the fully conjugated molecule (1); of 
the moleciule (II) containing an insulating CH 2 group which divides 
the molecule int o two equivalent, insulated, but internally completely 
conjugated halves; and of the molecule (III) which corresponds very 
closely to one of these halves. The molar absorption of the insulated 
molecule (II) corresponds well with twice that of the smaller mole¬ 
cule (III). That of the completely conjugated molecule (I) shows a 
new absorption band at a lower frequency. 

There are other ways in whi(ih such an insulation between parts 
of a molecule may be effected, though not in general so completely 
as by the insertion of a CH 2 group. It will be recalled that in order 
that the resonance? of diphenyl 



occur, the two rings must ])e coplanar. If, however, a number of 
large ortho groups be inserted, this coplanarity cannot occur without 
a large expenditure of ene^rgy, and hence this type of resonance, 
which is so important for the absorption of light, will be con¬ 
siderably inhibited. This effect is well illustrated by the measure¬ 
ments of Pickett, Walter, and France^^ on substituted diphenyls con¬ 
taining four chlorine atoms or four m(^thyl groups in the ortho posi¬ 
tion. The conjugation bands are entirely absent from the spectra 
of these substances. The same effect is apparent in the work of 
Muller and Neuhoff®’’ on some more complex substituted diphenyls 
which they encountered in their work on the demonstration of this 
steric effect on the possibility of the existence of diradicals. This 
work is discussed in Chapter VIT. 

In certain molecules the steric requirements may be such as to 
reduce the conjugation without completely inhibiting it. In this 
case the conjugation resonance absorption will appear, but with 
diminished intensity or at a higher frequency, or both. Such is the 
case for m- and ^mns-stilbenc. For ^ran.s-stilbene the molecule is 
entirely coplanar and the optically irr^ortant resonance discussed in 
the section on the diphenylpolyenes can readily occur. For m- 

Piper, J. D., and Erode, W. R., J. Am, Chem. Soc.j 57, 135 (1935). 

Pickett, L. W., Walter, G. F., and France, H., J. Am. Chem. Soc., 68, 
2296 (1936). A more detailed study of this effect is to be found in the publi¬ 
cation by O'Shaughnessy, M. T., and Rodebush, W. H., J. Am. Chem. Soc.^ 
62, 2906 (1940); its use In a special case is described by Calvin, M., and Wood, 
C. L., J. Am. Chem. Soc., 62, 3152 (1940). 

«Mttller, E., and Neuhoff, H., Ber., 72, 2063 (1939). 
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stUbene, on the other hand, a model to scale will show, exactly as in 
the case of the isomers of azobenzene discussed in Chapter VII, that 
the ortho hydrogen atoms will interfere to such an extent as to 
prevent the complete coplanarity of the molecule. This will inhibit 
the optically important resonance and have the effect just men¬ 
tioned, as is shown in Figure 31,^® where the absorption of the cis 
compound is both reduced in intensity and shifted to higher fre¬ 
quencies with respect to the irans. 



Figure 31. Absorption curves of the cis and irans 
forms of stilbene. 


For some of the more complex molecules, in which there exist parts 
which in themselves contain excellent resonance systems, it is some¬ 
times possible to observe absorption bands which are almost cer¬ 
tainly due to oscillations within these parts but somewhat perturbed 
by the rest of the molecule, together with an absorption band attrib¬ 
utable to an oscillation throughout the molecule as a whole. In 
order to observe these bands of partial oscillation, which have been 
called '^partials,’’ it is not necessary to have complete insulation or 
even any immediately obvious partial insulation, although, owing to 

^ Smakula, A., and Wasserman, A., Z. physik. Chem.y A165, 353 (1931). 
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the complexity of the molecule, it is not possible at present to say 
definitely whether or not some insulation, steric or otherwise, is 
necessary. Such an observation has been made by Brooker and 
Srnith*^ on the series of cyanines represented by: 



2,4-Di ((l-etliyl-2(l)-quiriolylidene)inethyl] (1) ethyl quinolinium ion 

III 


It is apparent that (III) contains, in a sense, both (I) and (II). In 
all three cases only one of th(^ resonance forms has been shown. In 
(III) the three nitrogen atoms are not exactly equivalent, but (a) 
and (c) are more nearly similar than is either of them to nitrogen 
atom (6). It is possible, then, to conceive that the forms having the 
positive charge on nitrogen atoms (a) and (c) represent the oscillation 
through the molecule as a whole, while those having the positive 
charge on (a) and (b) or on (b) and (c) represent partial oscillations. 
The absorption of these three substances is shown in Figure 32, in 
which curves 1 and 2 correspond to compounds I and II while curve 3, 
corresponding to III, shows a new band at lower frequency (on the 
left) and a band very similar to those of I and II at higher frequency 
(on the right). It seems reasonable to ascribe the lower frequency 
band to an oscillation through the molecule as a whole and the higher 
frequency band to a partial oscillation in that part of the molecule 
similar to I or II, or a coincidence of both. The fact that this partial 
is at a frequency higher than that of either of the constituent mole- 


Brooker, L. G. S., and Smith, L. A., J. Am. Chem. Snc., 69, 67 (1937). 
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cules is probably due to the phenomenon of cross-conjugation dis¬ 
cussed in some detail in Chapter VI. It is essentially due to the 
condition that when two resonances in the same molecule are mu¬ 
tually exclusive, neither one of them can exert its full effect. 

This phenomenon of partial oscillation may appear in simple mole¬ 
cules as well, although not quite so readily assignable, and corre¬ 
sponds somewhat to the older ideas of assigning to a particular group 
a characteristic frequency which may be recognizable in a number 
of differently constituted molecules, provided they are not too 
different in their resonance characteristics. 



Figure 32. Absorption curves of three cyanines in al¬ 
cohol. Curve 1, isocyanine ion; curve 2, pseudoiso¬ 
cyanine ion; curve 3, 2,4-di[(l-ethyl-2(l)-quinolyli- 
dene)methyl]-l-cthyl quinolinium ion. 


20g. The function of auxochromes. On the basis of the present 
theory, the function of those groups which have been designated as 
auxochromes, and of most other groups for that matter, is readily 
understood. Any group which is capable of enhancing the optically 
important resonance forms should increase the color of the substance. 
Generally that increase takes the form of a shift in the absorption to 
lower frequencies, but it may also be accompanied by an increase in 
intensity as well. The whole question of the intensity of absorption 
bands is very complex and is far from satisfactorily answered. For 
this reason we will restrict ourselves to considerations of the position 
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of the bands and hope that the questions of intensity may be an¬ 
swered some time soon. 

Consider the resonance forms which are held responsible for the 
absorption of light by a molecule of stilbene: 



>=C^H CH 



and 



CH CH 



The positive and negative charge may be written on any of the 
three ortho and para carbon atoms. These states are of compara¬ 
tively high energy. The substitution of any group which will pro¬ 
vide atoms which can carry positive or negative charge more readily 
than carbon will lower the energy of these states and hence permit 
them a greater contribution to the state of the molecule. The best 
examples of such groups are the amino or dimethylamino groups 
which provide the nitrogen atom to carry the positive charge by losing 
its extra electron pair, and the nitro or carboxyl groups which provide 
the oxygen atom to carry the negative charge by accepting an extra 
electron pair. Thus p-dimethylaminostilbene will have a consider¬ 
able contribution of the form 

and p-nitrostilbene a considerable contribution of the form 


0 - 



WTien the two substituents are both present in the same molecule, 
the effect will be greater than the sum of the two. These considera¬ 
tions are exactly analogous to the ones made in an earlier section on 
the dipole moment. The absorption spectra of this series of stil- 
benes have been measured by Hertel and Luhrmann^® and are shown 
in Figure 33. The shift in frequency accomplished by the P-NO 2 
group is 3.7 X 10* cm.“^; that by the p-(CH 8 ) 2 N group is 2.7 X 10* 


Hertel, E., and LUhrmann, H., Z. physik. Chem., B44, 261 (1939). 
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cmr^ That accomplished by both groups together is 9.4 X 10^ 
cm.~^ From such measurements as these one obtains the usual 
order of effectiveness of the various groups, an order which will 
appear again and again when considerations are made of chemical 
equilibria and rates in later chapters. 



Figure 33. Absorption curves of four stilbenes in al¬ 
cohol. Curve 1, p-nitro-p'-dimeihylaminostilbcne; 
curve 2, p-nitrostilbene; curve 3, p-dimethylaminostil- 
bene; curve 4, stilbene. 

20h. Oscillators in more than one direction. So far we have been 
considering molecules in which there was only one axis along which 
the polarizability was very large, the other two components of the 
polarizability being relatively small and hence concerned with ab¬ 
sorptions far in the ultra-violet. If, however, the conjugated system 
has an appreciable extension in two dimensions, there will exist two 
axes of appreciable polarizability; and in some special cases it is 
possible to have extension in three dimensions, and hence three axes 
of large polarizability. The absorption bands associated with these 
three axes have been called the x, y, and z bands, the x and y bands 
being the ones associated with planar molecules and the z band ap¬ 
pearing only in certain special cases. Further, the convention is 
adopted, for the planar molecules having x and y bands, of calling 
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the band of longest wave length the x band and the corresponding 
direction the x direction. 

The correlation of the observed absorption bands with the two di¬ 
rections in the molecule is not so readily done directly. For a few 
of the simpler nearly linear molecules having only an x band and for 
which the orientation of the molecule in the crystal has been deter¬ 
mined by means of X-rays, it has been possible to show from observa¬ 
tions with plane polarized light that a molecule absorbs the wave 
length of the x band only when the direction of polarization (the 
electric vector) of the incident light is roughly parallel to the length 



Figure 34. Absorption and structure of the polymer of 
pseudo-isocyani ne. 


of the conjugated chain: e.g., diphenyloctatetraene, diphenyldodeca- 
hexaene, and p-azoxyanisole. It has also been possible to show in 
the case of some large planar molecules that absorption is at a maxi¬ 
mum when the plane of polarization of the light is in the plane of 
the molecule, and at a minimum when the plane of polarization of 
the light is normal to the plane of the molecule; e.g., azobenzene, 
quinone, perylene, chrysene.^® There is only one case, however, in 
which the x and y bands have been unequivocally assigned by direct 
physical measurements. This is also one of the two cases for which 

The measurements on chrysene were reported by Krishnan, K. S., and 
Seshan, P. K., Raman Jubilee Volume^ Ind, Acad. Sci., 487 (1938), 
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z bands have been assigned and measured. Scheibe and his co- 
workers^ have studied the absorption spectra of pseudoisocyanine 
and other related dyestuffs under a great variety of conditions. Tlie 
work on the pseudoisocyanine is most complete, and the x, and z 
bands have been assigned as shown in Figure 34. The same result 
was reported somewhat earlier by Jelle 3 ^^^ The band at 5300 A 
is the X band; the x direction is then the long axis of the molecule, 
while the band at 4900 A is the y band. 


H 


CiHs 


N 

I 

C2H5 


?/(4f)00A) 

T 

.J -^ a;(5300i) 


These two absorption bands are characteristic of the single molecule, 
but in aqueous solutions these flat molecules polymerize face to face 
to form long threads (Figure 34), and a third absorption band appears 
(5730 A) whose direction of x>olarization is along the length of the 
thread, and this we call the z band. It is indicative of an electronic 
resonance between molecules, which is probably resp)onsible for the 
very extensive molecular comp>ound formation between aromatic 
molecules, which has long been known. 

There is another set of molecules whose absorption bands can be 
very definitely assigned as x and y bands, but only on the basis of 
the general principles of color and molecular structure which we hav^e 
so far developed. There exists as yet no direct experimental de¬ 
termination of these directions, but the interpretation of the existing 
data in these terms is so clear that it is practically certain that when 
such experiments are performed it will be found that the correlation 
of the bands with the molecular symmetry, which we are about to 
make, is true. The best examples of this set of triphenylmethane 
dyes are the three molecules, crystal violet (I), malachite green (II), 
and methoxymalachite green (III), shown opposite. 


Scheibe, G., Angew. Chem., 52, 631 (1939). 

Jelley, E. E., Nature, 139, 631 (1937). 

Pfeiffer, P., Organische Molekiilverbindungen. Ferdinand Enke, Stutt¬ 
gart, 1934. 
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N(CH3)2l 


+ 




log € 


5.0 



Figure 35. Absorption spectra of crystal violet (solid line), of mala¬ 
chite green (upper dotted line), and of methoxymalachite green (lower 
dotted line). After Hantzsch and Auskaps. 
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Their absorption spectra are shown in Figure 35. The crystal violet 
molecule, which is symmetrical in the plane (i.e., the x and y direc¬ 
tions are identical) has only a single band in the visible at about 
6000 A. The malachite green molecule, however, is not symmetrical 
and hence the x and y bands do not coincide, the x band being the 
one at about 6200 A and the y band the one at about 4200 A. Fur- 
thermorci, the x direction can be fairly certainly assigned as the direc¬ 
tion of oscillation having the greatest contribution from the two 
dimethylamino groups, while the y direction is the one involving 
largely the unsubstituted phenyl group. If an auxochrome other 
than (CH3)2N -e.g., CH3O— is substituted into the para position of 
this third phenyl group of malachite green to form mcthoxymalachite 
green, the greabist effect should be the shifting of the y band to longer 
wave lengths without much change in the x band. This is actually 
the case, as is setui in Figure 35, the y band being shifted from about 
1200 A to about 4700 A and log e being increased from about 4.2 
to about 4.6. 

20i. Acid-base indicators. On the basis of the present theories, 
the changes of color undergone by acid-base indicators are readily 
understood in terms of the blocking or freeing, by the protons, of 
the participation of auxochromic groups in the oscillating system 
and from the symmetry properties of the limiting states. For 
example the changes in color of crystal violet in acid solutions were 
analyzed in 1914 by Adams and Rosenstein,^^ and they were able 
to assign an absorption spectrum to the ion very similar to that of 



N(CH3)2l 


j 




malachite green, and corresponding spectra for the successive addi¬ 
tion of protons to the crystal violet ion. 

The action of the proton on a different type of dye may be exem- 


** Adams, E. Q., and Rosenstein, L., J, Am, Chem. Soc,j 86, 1452 (1914). 
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Another interesting observation to be made from these data is the 
relatively high range of pH over which the symmetrical highly colored 
forms may exist. This is to be understood in terms of the high 
resonance energies available for .stabilizing the symmetrical forms of 
the molecule. 



Chapter VI 

EQUILIBRIUM—ACID STRENGTH 

The chemical properties of a substance can be defined in two 
terms: how that substance stands in equilibrium with any other 
substances which may be formed from it, and how fast that equilib¬ 
rium state is approached from some unstable initial state. In this 
and the following chapter we shall be concerned only with the first 
of these terms; i.e., what relationships can be found between the 
structure of a compound and the equilibria in which it may take part. 
In order to do this we shall first examine briefly the language and 
notation which has been developed to express the experimental 
results most concisely and explicitly. This is the language of 
thermodynamics. 


21. EQUILIBRIUM 

Consider in general any reaction in which a moles of A and h moles 
of B react to give c moles of C and d moles of D: 

clA -f” hB cC -f- dl). 

If the initial mixture of A and B is allowed to stand under given con¬ 
ditions of temperature, pressure, solvent, etc., until no more C and 
D are formed, a certain relationship between the amounts of A, R, C, 
and D will be found in the resulting mixture. The same relation¬ 
ship could be obtained by starting with C and D and permitting 
them to react under the same conditions to form A and B. When 
this condition of no further change is attained, the system is said to 
have reached equilibrium, and the relationship between the amounts 
of the several molecular species present in the equilibrium mixture 
is expressed by the equilibrium constant Koono.^ 

r. _ icnor 

[AnBf 

[C] represents the concentration of C in the equilibrium mixture and 
the other brackets have the corresponding significance. One of the 
most important characteristics of this constant is that it is inde- 
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pendent of the path by which the equilibrium is attained, i.e. of the 
mechanism of the reaction, and independent of the time required 
to achieve that equilibrium. 

In order that the equilibrium constant be properly related to the 
other thermodynamic functions for the substance, such as free 
energy F, heat content //, and entropy S, it should b(j expressed in 
terms of the activity rather than the concentration. For the type 
of system with which we will be most concerned, namely, reactions 
between dissolved solutes, the activity is defined so that it becomes 
equal to the concentration in very dilute solutions. Another type 
of system with whicth we shall occasionally be concerned is the re¬ 
action between gases or vapors. In this case the activity is defined 
so that it becomes equal to the pressure at very low pressures. Thus 
for a perfect gas the activity would alwa^^s be equal to the pressure, 
while for any actual gas the departure from equality would be com¬ 
mensurate with the departure of the gas from the condition of the 
perfect gas. 

The thermodynamic ecjuilibrium constant for a reaction is given by 

e d 

etc do • • • 

(^AOfB • • • 

where a% represents the activity of the component C raised to the 
power c, and the other terms have the corresponding significance. 
It is expressed so that the activities of the products of the reaction 
as written from left to right appear in the numerator and the activities 
of the reactants appear in the denominator. The relation between 
this equilibrium constant and the free energy of the reaction is 
given by 

^ RT\nK (1) 

where AF® = Fp — FJ . F? is the free energy of the products when 
they are at unit activity, and F% is the free energy of the reactants 
when they are at unit activity. AF° is known as the standard free 
energy of the reaction, and henceforth we shall omit the superscript, 
since we shall be concerned only with such standard free energy 
changes. 

For the purposes of this book, the use of concentrations or pres¬ 
sures, where activities are not available, in the expression for the 
equilibrium constant, will be a sufficiently close approximation. In 
order to predict from structural considerations what the equilibrium 
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concentrations for a given reaction will be, we have now to calculate 
the difference in free energy between the product and reactant 
molecules. This is still very largely an impossible task in the ulti¬ 
mate sense. There is, however, a process of comparison which is 
somewhat more hopeful and perhaps slightly nearer attainment. 
This amounts to comparing the effect of various substituents upon 
some particular equilibrium. 

Suppose Ku is the ecjuilibrium constant for some reaction in which 
an unsubstituted or standard molecule takes part, and Ka is the 
equilibrium constant for the same reaction in which a molecule 
made from the standard molecule by some substitution or other 
structural change, takes part. Then 

= -RT In ; ^F, - -RT In 

RT In = aF„ - AF, 


or 


In K, = In (AF„ - AK), (2) 

and it becomes possible to predict from a knowledge of Ku and 
the difference in the Af values for the two reactions. At first sight 
this does not seem to have helped matters much, but a more detailed 
consideration of some special cases will make the general difficulties 
and special simplifications apparent. 

In comparing any series of equilibria involving molecules related 
as we have just described, there is often at least one reactant and 
often some product molecule which is conunon throughout the series. 
By selecting one member of this series as a standard and comparing 
all the others with it, the necessity of knowing the free energies of 
these common reactants or products is eliminated. These considera¬ 
tions apply equally well to acid-base neutralization, substitution, 
addition hydrolysis, oxidation-reduction reactions, and the like. 
The only condition which must be fulfilled is that an equilibrium 
condition is indeed being measured and that it is the same reaction 
within any given series. 

One such reaction in which equilibrium is very quickly and easily 
attained is the electrolytic dissociation of an acid or a base, or what 
is equivalent, the neutralization of an acid by a base. Because of 



186 


EQtJILIBRIUM-’ACID STRENGTH (Oh. VI, §22] 


this and the relatively large quantity of experimental material that 
has been accumulated on this type of reaction, we shall consider in 
detail acid-base reactions as an example of the effect of structure upon 
equilibrium. 


22. ACIDS AND BASES 

Long before the devi'loprnent of mod(u-n chemistry it was observed 
that many substances could be assigned to one or another of two 
opposed classes, the basis of the classification being the ability of 
members of opposed classes to react rapidly with each other, forming 
compounds that belonged to neither class. These two types of sub¬ 
stances were called acids and bases, and the reaction between an acid 
and a base was called a ncnitralization. At first it was supposed that 
acids and bases were restricted to oxygen compounds, but this could 
not be maintained when it became evident that the halogen acids 
contain no oxygen. 

After the discovery of the existence of ions in solution, it was 
found that the acids produc^e hydrogen ion and iho Ixases hydroxide 
ion on solution in water. As these two ions combine \ugorously to 
form water, this process was accepted as the explanation of neu¬ 
tralization, and the acids were delined as ionizabl(‘ hydrogen com¬ 
pounds and the bases as ionizable hydroxides. This dcTinition ex¬ 
cluded certain substances previously considered as acids and bases 
from this classification. Common examples are carbon dioxide, 
sulfur trioxide, ammonia, and the organic bases. The apparent 
acidities or l:)asicities of these substances were assumed to be due 
to their reaction with water to form true acids and bases. Thus 
the acid anhydrides mentioned above add water and form carbonic 
and sulfuric acid, respectively, while ammonia and the amines com¬ 
bine with water to form ammonium hydroxide or one of its 
derivatives. 

This idea of acids and bases was generalized to include solvents 
other than water. An acid was then defined as a substance that 
ionizes to form the positive ion of the solvent, and a base was a sub¬ 
stance that ionizes to form the negative ion. A substance is then 
an acid or base only with respect to some solvent. One cannot help 
feeling that the older idea of acids and bases is more fundamental 
than the definition in terms of water in particular, or the solvent in 
general. The effectiveness of these definitions lies in the fact that 
the positive and negative ions of the solvent are themselves acids 
and bases in the older sense. 
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In Valence and the Structure of Atoms and MoleculeSy Lewis^ re¬ 
turns to the older idea of acids and bases, and defines a base as a 
substance furnishing a pair of electrons for a chemical bond, and an 
acid is one that accepts such a pair. Sidgwick^ has used the same 
idea, calling the base the donor and the acid the acceptor. Thus 
trimethylamine and boron trimethyl are respectively a base and an 
acid, or a donor and acceptor, and their combination is a 
neutralization. 

ITe base trimethylamine is effectively neutralized, both in its 
reaction with hydrogen chloride and in its reaction with methyl 
chloride, yet only hydrogen chloride is considered an acid. The 
essential difference between these two reac^tions is that there is no 
energy barrier between the systems trimethylamine plus hydrochloric 
acid and trimethylammonium ion plus chloride ion, the intermediate 
condition with the hydrogen ion forming a bridge between the bases 
trimethylamine and chloride ion being at a lower energy level than 
either extreme. On the other hand, there is an tmergy barrier be¬ 
tween the systems trimethylamine plus methyl chloride and tetra- 
methylammonium ion plus chloride ion. The lack of an energy 
barrier in the reactions between the members of the two opposed 
classes of substances and the giving and accepting of a pair of elec¬ 
trons are probably the best criteria of the acid-base reaction. Ac¬ 
cording to these criteria, the readily ionizable hydrogen compounds 
are true acids. 

A salt may or may not be found among the products of the neu¬ 
tralization reaction. Thus ammonia and acetic acid neutralize each 

other, forming the salt ammonium acetate, but when trimethylamine 

+ — 

neutralizes boron trifluoride, the product (CH 3 ) 3 N— BF3 is not an 
ordinary salt but what is called an inner salt. 

Some substances show their full acidic or basic properties only 
after some reconstruction of the molecule that needs an activation 
energy. Such substances may be called pseudo-acids or pseudo¬ 
bases. Phenylnitromethane is a pseudo-acid, its ion a pseudo-base. 
It is sometimes convenient to class pseudo-acids and pseudo-bases 
with the true acids and bases. Except at a low temperature, phenyl- 
nitromethane behaves as an acid, with a dissociation constant be¬ 
tween 10”^^ and 10“^^. At 0°C., however, it takes an appreciable 

^ Lewis, G. N., Valence and the Structure of Atoms and Molecules, The 
Chemical Catalog Co., New York, 1923. 

* Ref. (1), Chapter I, 
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time for it to neutralize a base to the extent corresponding to an acid 
of this strength. 

It is unusual for carbon, ox>^gen, or nitrogen atoms to have six 
electrons, or, when bonded, to accept the electrons of a base without 
activation, so that a large majority of organic acids are hydrogen 
compounds. On the other hand, the basicity of organic compounds 
nearly always arises from the presence of unshared electron pairs. 
For these reasons it has become popular to restrict bases to molecules 
or ions having unshared electron pairs and to restrict acids to the 
hydrogen ion compounds of the bases. With this restriction, acids 
and bases occur in pairs, the members of a pair being said to be 
conjugate to each other. Thus NH^ and NH3, CH3COOH and 
CHsCOi", H2O and OH“, HaO^ and H2O, HCOJ and CO^ are examples 
of conjugate pairs of acids and bases. 

The Ka or Kh of an acid or base in any solvent which can act as a 
hydrogen acid is the product of the activities of the conjugate base 
and positive ion of the solvent divided by the activity of the acid 
or the product of the activities of the conjugate acid and negative 
ion of the solvent divided by the activity of the base. In any con¬ 
jugate pair these constants are related to each other and the dis¬ 
sociation constant of the solvent, by the equation Ka X Kb = Kg, 

23. ACID STRENGTH AND STRUCTURE 

When two bases compete for an insufficient supply of an acid, one 
combines with more of the acid than the other, even though the two 
bases have the same concentration. This leads to the concept of 
relative strengths in bases; a similar inequality in the competition 
of two acids for a base leads to the concept of relative strengths of 
acids. The base that obtains the major share of the acid is the 
stronger, and the acid obtaining the major share of the base is the 
stronger. 

23a. Mechamism of comparison of acid strength. The order 
of strengths is rigorously maintained only when the conditions are 
rigorously alike. That is, in the case of bases, the acid competed 
for, the solvent, temperature, and concentrations, except in very 
dilute solutions, must be fixed. Generally hydrogen ion is chosen 
as the test acid. The relative strengths in any solvent and at any 
temperature can then be defined from the equilibrium Bi •+■ HJ 52 ^ 
UBi + B 2 by the equation 

Cyibx X C b^ _ ft _ 55 
Ghb 2 X Cbi P 2 
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in which pi and P 2 are the basic strengths of Bi and B 2 , respectively, 
and aiand a 2 are the acidic strengths of HRi and HJ? 2 , respectively. 
C is the concentration of the substance described by the subscript. 
To obtain values for p and a it is necessary to fix arbitrarily the 
values for some acid and base. A convenient standard to use for 
water solutions is 


fori- = and q:h 20 = 


M ^ 


where M is the molarity of water and = 10 Then 




Pb = i-- = 

AoHB 


«H 80 + = M and Pyl^q = 




where Ka and Kh are acidic and basic dissociation constants. Similar 
standards can be used for other solvents if so desired. The above 
standards are convenient, for a and P can be identified with Ka and 
Kb , and only one of these constants need be measured. It should 
be noted that the stronger the acid the weaker its conjugate base, 
and vice versa. 

The ionization of an acid J5H in a solvent aS may be represented by 
the equilibrium 

Bin + :S^B: + H:S 
and the equilibrium (constant is 

^ [B:][n:S] 


As [iaS] for any given solvent is constant, it is usual to use 


Ka 


[^:][H:aS] 
[Bin] • 


This reaction can be considered as the sum of the processes Bin 
B: + H“^, + :aS H:aS, the separation of B: and H'.aS and the 

changes in solvation that accompany thcvse processes. In general, 
the solvent molecules, especially if the solvent, like water, has un¬ 
shared electrons and bonded hydrogen atoms, are strongly associated 
with each other and also with the acid. This system changes on 
ionization to strong association of solvent with Bi and HiaS mole- 
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cules. The action of the solvent is very much more than that of a 
dielectric medium for the separation of electrically charged particles. 

The dissociation constant of an electrically neutral acid, especially 
in water, increases with the temperature, reaches a maximum, and 
then diminishes.^ The decrease of the dissociation constant with 
temperature has been attributed to the decrease in the dielectric 
constant of water with increase in temperature.'* This makes it 
increasingly difficult to separate oppositely charged ions, while the 
increase in the constant before reaching the maximum is attributed 
to the normal rise of equilibrium constant with temperature for an 
endothermic reaction. It is doubtful whether this explanation is 
sound. 

A dissociation constant that rises to a maximum and then dimin¬ 
ishes shows a reaction for which Ai? (the heat absorbed) is positive 
at low temperature and diminishes with increasing temperature. At 
the maximum value of the dissociation constant, A/? = 0. At higher 
temperatures aR acquires a negative value.^ However, a decrease in 
the dielectric constant does not explain a decrease in AR for the 
separation of oppositely charged ions. 

When ions are solvated by water, the process breaks down the 
associations of the water molecules among themselves to form new 
complexes around the ions. As the temperature is increased, the 
associations between the water molecules are broken down and the 
energy of solvation of the ions is increased to the extent that heat 
energy has been expended on the breaking up of the w^ater complexes. 
Thus it seems that the temperature variation of acid strength should 
be considered as an effect of the ions on the water rather than an 
effect of the water on the ions. 

The thermodynamic equation — jBT ]n K = AF = AH — TAS 
connects the equilibrium constant, the free energy change, the heat' 
content change, and the entropy change of a reaction. A relation 
between any of these quantities and the structure of the reacting 
molecules may be sought. In the dissociation of acids it would seem 
that the free energy change is probably the easiest to correlate with 
the structure of the molecules. It has been suggested that these 
correlations should not be attempted at a fixed temperature, but 


»Harned, H. S., and Embree, N. D., J. Am, Chem. Soc., 66, 1050 (1934). 

* Baughan, E. C., J. Chem. Phys., 7, 951 (1939); Gurney, R, W., J. Chem. 
Phys.j 6, 499 (1938); Kirkwood, J. G., and Westheimer, F. H., J. Chem. Phys., 
6, 506, 513 (1938). 

* Pitzer, K. S., J. Am. Chem. Soc., 69, 2365 (1937). 
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that a separate temperature should be used for each acid, namely 
the temperature at which the dissociation constant has a maximum 
value.® To be useful, the correlation would have to be both for the 
value of the maximum dissociation constant and the temperature of 
this maximum, for these quantities are not simply related to each 
other. On the whole the simple correlations between structure and 
acidic strength at a fixed temperature are more practical and in¬ 
formative. 

When the strengths of hydrogen acids are compared in the same 
solvent and at the same temperature, one obtains a fairly good estimate 
of the relative strengths of the bonds between the protons and the 
unshared electron pairs of the conjugate bases, towards an ionic 
break. In general, some acid is chosen as a reference acid, and the 
difference between the free energy of ionization of a derived acid and 
that of the reference acid is used as a measure of the influence of the 
substituent grouj)s on the ionization. 

This difference. 


ET In AX:H - ET In Kb:U, 
is the free energy for the reaction 

Bin + + Bu:H, 

in which JS«-H stands for the chosen reference acid and jS:H for the 
derived acid, and equals 

(Pb: + Pbuib) {PbiU + P'fBu) = Pb:b) + 

It no longer contains the free energies of hydrogen ion and the sol¬ 
vent. But the influence of the solvent has not been entirely 
eliminated. 

At a fixed temperature, AT In X is proportional to logio K, so that 
the effect of structural changes can be expressed in terms of A logw Ke , 
where the subscript cr, indicates the structural change, when com¬ 
parisons are all made at the same temperature.® Sometimes the 
symbol pK is used to indicate the strength of an acid. The equa¬ 
tion is 


pK = -log Ka . 


^ In the future we shall use log when the base of the logarithm is 10, 
and In for natural logarithms. 
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The effect of a structural change can then be measured by ApA". 
Then 


== log Ku — log = —A log . 

The value of ApA is negative when the structural change increases 
the acidic strength. We shall use log K and A log K rather than 
pK and ApA; and when any quantity is used to indicate the effect 
of a structural change, we shall define it so that it has a positive 
value when the structural change increases the strengtli of the acid, 
or in general has the effect of a positive charge. 

The value of A log A^ does not depend solely on the structural 
change. It depends also on the temperature and solvent, and if, 
as it is often convenient to do, we consider the substitution of one 
group for another as a sufficiently defined structural change, A log A^ 
depends on the acid chosen for reference, and the position of the 
substitution in the molecule of this acid. Often these variations do 
not change the relative values of A log A^ for a set of structural 
changes, but only their magnitudes. In such cases A log K„ can be 
expressed as a product of two quantities, one characteristic of the 
structural change and the other of the temperature, solvent, reference 
acid, and position of substitution. Thus, if we consider that a 
structural change is sufficiently defined by the substitution of a 
group for a hydrogen atom, a set of groups has a one-to-one corre¬ 
spondence to a sot of structural changes. If the reference acids are 
various fatty acids, the A log Ka values depend on the reference acid 
and more particularly on the position of the substitution with respect 
to the carboxyl group, but their relative values for the set of groups 
are fairly constant as we change the position of substitution, and a 
common factor of the A log A^ characteristic of the structural changes 
can be found. The other factor is determined by the temperature, 
solvent, reference acid, and position of substitution. However, in 
other cases the relative values of A log A^ for a set of structural 
changes sometimes vary considerably with the choice of solvent, 
reference acid, and position of substitution, and hence the sign of a 
A log Kc may be changed by these variations. For instance, sub¬ 
stitution of chlorine for iodine has a positive A log A^ in hypoiodous 
acid, but a negative one in p-iodobenzoic acid. 

23b. Meclianism for the description of intramolecular action; divi¬ 
sion into contributing factors. The lack of consistency in A log K„ , 
and other effects produced by structural changes, leads one to the 
conclusion that these effects arise from more than one cause. These 
different factors all influence the free energies of the acids and their 
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ions or conjugate bases, and the sum of their individual effects is the 
net effect of the structural change on the free energy. The A log K„ 
value is proportional to sums and differences of the free energies in¬ 
volved, so that it may be expressed as the sum of the effects of the 
various factors of intramolecular action. The most important of 
these component effects are those due to (1) a polarizing source in 
the molecule arising from a formal charge or unevenly shared bond 
electrons, (2) resonance in the molecule, (3) the repulsion between 
atoms that are close together but not bonded, (4) the polarizability 
of bonds, and (5) the interaction with solvent molecules. They may 
be named and symbolized as follows: (1) the polar or inductive 
effect, I, (2) the resonance effect, R, (3) the steric hindrance effect, 
H, (4) the polarizability effect, P, and (5) the solvent effect, S. Then 

A log /C = I. + R. + H. + P. + S. . (3) 

This subdivision of A log into various effects is to a large extent 
artificial. Thus from the treatment of resonance in Chapter IV it 
is apparent that the separation of polar and resonance effects de¬ 
pends on the method of approaching the problem, and whether the 
bond dipole is taken as a property of the bond or the result of reso¬ 
nance. Further, any of these effects are themselves affected by other 
factors, e.g., the dependence of polar effects on polarizability, and of 
resonance on steric factors. Nevertheless the subdivision of A log K„ 
into the various effects is of some value in clarifying our ideas and 
bringing out the relationships between A log and structural 
changes. For this purpose the most important effects are the 
polar and resonance ones, so that in our treatment we shall, very 
largely, use A log = !<, + R<, -f- other effects, using the other effects 
to explain many of the anomalies that are observed. At present 
Iff and R,, can be given only semiquantitative connotations. 

For any given structural change the sign given to a component 
effect depends on how it is defined. As before, we shall define an 
effect so that its sign is positive if it increases the strength of the 
acid. The inductive effect was first defined in England and, unfor¬ 
tunately, it is there used so that it is negative when it increases acidic 
strength. This usage is not universal in America.^ Apart from any 
question of nationality, we shall continue to use inductive and all 
other effects so that they are positive when they are acid¬ 
strengthening. 

^ Johnson, J. R., “Modern Electronic Concepts of Valence”, p. 1617 of 
Organic Chemistryy by H. Gilman. John Wiley & Sons, New York, 1938. 
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The j>olar or inductive effect tends to make an acid stronger than 
the reference acid when the structural change increases the positive 
potential at the point of dissociation. When the structural change 
is the addition of a group to a pair of unshared electrons on an 
atom in the reference acid, the formal charge of this atom is increased. 
For such a change I<r is positive. For instance, the structural changes 

:S0(0H)2~>0rS()(0H)2, 

: NH 2 —CH—COOH H: NH 2 -CHa—COOH, 

O O 

and : O—C—COOH H: O—C—COOH 

are all acid-strengthening. The opposite type of addition, in which 
the reference acid is the ac^ceptor and the addend the donor, has the 
reverse effect. For the removal of atoms from a reference acid, L 
is positive or negative, according to whether the removed atom car¬ 
ries the pair of bond electrons with it or leaves them on the acid. 
In substitutional changes, is positive or negative according to 
whether the new bond dipole is more or less positive towards the 
point of dissociation than the old one. Thus CICH 2 COOH is 
stronger than CHsCOOH because the bond dipole of Cl—C is more 
positive at the carbon pole than that of H—C. 

The resonance effect makes an acid stronger when the resonance 
energy introduced with the structural change is greater in the ion 
than in the acid. One of the most important resonance effects on 
acid strengths occurs when the structural change introduces a 
double or triple bond next to the atom from which the proton dis¬ 
sociates. The resulting structure is A—B —C:H for the acid and 
A—B — C: for the conjugate base, and the latter is always a triad 
resonating structure. The sign of for this type of structural 
change is positive except when A has an unshared electron pair. 
In this case the acid :A—B —C:H is in tautomeric equilibrium with 
H:A=jB—C:. The latter is a strongly resonating structure. The 
proportion of this tautomer and its resonance energy can be so great 
that, on the average, there is more resonance in the acid than in its 
conjugate base, in which case there is a negative term in the 
observed A log K„ . For instance, the change from 

CHs 


CHr- CH 2 —NH 2 to HN=C—NH 2 
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does not produce a weaker base, as the ion of the amidine is 
CHa CHa 

I I -f 

H 2 N=C—NHa, not NH=C—NHa. 

Whether a resonance of the triad typo strengthens or weakens the 
acid can be deduced from the position of formal charges in the 
resonating structures. For this purpose; either the acid or its con¬ 
jugate base may be used. When the secondary resonating forms 
show positive formal charges nearer to the dissociating proton than 
the negative ones, the resonance strengthens the acid. Thus in 



the positive formal charge in the secondary form is nearer the 
proton than the negative one, and the resonance strengthens the 
acid. On the other hand, in 

/ CHa CHa \ 

\HN=i—NHz, HN—C=NhJ 

the proton adds to the imino nitrogen, which has a negative formal 
charge in the secondary form, and the resonance is base¬ 
strengthening. 

Steric hindrance effects arise when the bonding together of the atoms 
into a molecule imposes spatial relationships on atoms that are not 
bonded to each other. In this way atoms are sometimes brought 
so close together as to encounter large repulsive forces. The free 
energy of the molecule includes terms for the potential energies re¬ 
sulting from these forces. The change in these terms accompanying 
a change in structure may be different in the acid and in the ion or 
conjugate base. Consequently A log for a structural change may 
include steric terms. This effect can be considered as a pure steric 
hindrance effect, for which a separate term, , in A log K„ is needed. 
However, steric hindrance often acts indirectly through its influence 
on polar and resonance effects. 

Resonance and its effects depend to a great extent on spatial con¬ 
figuration and this is governed by the repulsions between groups. 
Examples of the effect of steric hindrance on resonance are given in 
the sections on dipole moment and on color, and examples of similar 
effects on acid strength are mentioned later in this chapter. 
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Polar effects are transmitted through space as well as inductively 
through the atomic chain. These effects depend on the distance 
between the polar group and the dissociating proton. This distance 
varies with the various configurations produced by rotation about 
the single bonds. When rotation is sufficiently free to prevent the 
isolation of isomers, the different configurations exist in an equilib¬ 
rium which largely favors forms in which the repulsions between 
non-bonded atoms are small. Wlien these favored configurations 
bring highly polar groups near the dissociating protons, the directly 
transmitted polar effects are large. In this way steric hindrance 
can change the value of I^ 

Polarizahility effects can to a great extent be identified with the 
transmission of polar effects through the molecule. Hence, if a 
strongly polar group is present and a structural change increases the 
polarizability of that part of the molecule between the polar group 
and the dissociating proton, the effect of the polar group is increased. 
This increase can easily be considered as part of the polar effect and 
included in I<,. However, quite apart from ilu^ effect of a polar 
group, a change in the polarizability of a molecule affects the dissocia¬ 
tion constant. When the polarizing power of the acidic group 
is greater in the conjugate base than in the acid, increase of polariz¬ 
ability increases acidic strength. It is not, however, always clear 
whether the effects of highly polarizable groups are due to this cause 
or to their own polarizing power. 

Double and triple bond groups are more polarizable than satu¬ 
rated groups. Resonance can enhance polarizability. 

The solvation effect on the dissociation of an acid is very great, but 
its importance is greatly diminished when the relative dissociations 
of acids is considered, more especially when all the dissociation con¬ 
stants are measured in the same solvent. 

The difference in solvation energy of an acid and its ion is not 
the same for all acids, so that A log may be considered to have a 
solvation term. This term varies markedly with the solvent and is 
very important when comparisons of A log values are made in 
different solvents. However, when comparisons are restricted to a 
single solvent, the solvent effect may be included to a large extent 
in one of the other effects. When a structural change introduces a 
resonance, as for instance the change from CHgOH to HCOOH, the 
effect of this resonance on A log depends on the solvent. The 
resonance effect is the difference in the energy of the resonances 



[Ch. VI, §23b] 


EQUILIBRIUM—ACID STRENGTH 


197 



o- 


RC 


/ 


0 


\ 


and I RC 




RC 


/ 


0 -' 


o 


OH 


OH/ 


If the molecules are dissolved in water, the resonating structures are 
solvated. The resonance in the acid might be depicted as 

/ OHOH 

/ ^ 

RC 

\ \ 

\ OHOHo 


OHOH 


RC 


0HOH2/ 


or hot weori evon more hydrated forms. The energy difference be- 
tweer. these forms is not the same as that between 


0 

0 - 

/ 

/ 


and RQ, 

\ 


OH 

OH 


and the resonance energy is also different. But as long as no other 
solvent is considered, and the structural change necessitates this 
solvation, there is no need to separate the effect of the resonance 
into the resonance itself. 



and the effect of solvation on this resonance. 

Similarly, when a structural change is the replacement of one polar 
group by another, the old and the new groups are solvated, and there 
is a change in these solvations with conjugation. But the structural 
change can be considered as the replacement of one solvated group 
by another. This influence of the solvent can be included in the 
polar effect for the exchange of groups as long as the comparisons 
are restricted to a single solvent. Even then some anomalous effects 
can be attributed to solvation. The solvation of a group in an acid 
is affected by the rest of the acid, and may be different for the same 
group in different acids even though the same solvent is used. 
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The effect of tautomerism on the observed dissociation constant of 
an acid is to introduce a complicating reaction whose equilibrium is 
established in addition to that of the dissociation. The measured 
equilibrium constant involves the sum of concentrations of tautomers 
in place of concentrations of definite compounds. Structural changes 
may not affect the equilibria of the tautomerisms in the same way 
as that of the acidic dissociations, and hence the observed dissociation 
constants show very anomalous effects of the groups. For instance, 
H 2 N—CH 2 —COOH is a tautomeric substance, and if its measured 
dissociation constant is compared with that of CH 3 COOH, the sub¬ 
stitution of NH 2 for H appears to be a structural change for which 

+ 4 - 

A log is about —5. In a comparison between H 2 NNH 3 and HNH 3 
the same structural change has a A log Ka value of about +1. 

The general theory of the dissociation constants for tautomeric 
acids is the same as that for any equilibrium constant of tautomeric 
substances. The observed constant is given by 

_ [Hi{[ion] + [ion'll 
[acidl + [acid'[ ^ 

and the two tautomeric equilibrium conditions arc 


Ki 


[ion'j 

[ion] 


and 


„ _ [acid'j 
[acid] • 


The true dissociation constants are 


Ka 


[Hi [ion] 
[acid] 


and 


K'a 


[Hi [ion'] 
[acid'] ■ 


The true dissociation constant can then be expressed in various ways 
as a function of the other constants: e.g., 


K 


I+K, 
1+Kr’ 


or more generally, if many tautomers exist: 


Ka= K 


1 ~t~ Ki + K 2 4~ • • • 
1 + Ki + K[ + • • • 


( 4 ) 


Often, in the dissociation of tautomeric acids, either Kt or Ki can 
be neglected with respect to unity, and 

K 

1 + K,- 


= K{1 + Kt) or K„ = 
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Thus in the dissociation of HaNCHjCOOH the tautomerism is re¬ 
stricted to the acid, and = X(1 Ki) = KK^ \ery largo 

/„ [HaNCHjCO;-] \ rp, , r • r r T 

I A2 = rTT-TCT>^Tf“>^/rTLTi/• ^ ‘'™e dissociation constants can be 

\ [li2iN L>xl20vJ2-Llj/ 

calculated from the observed constants wh(‘n there is any method of 
obtaining the tautomeric equilibrium constant. The method® of ob¬ 
taining the true dissociation constants of aminoacetic acid is in¬ 
teresting. I'he true equilibrium constant of the reaction 


II3NCH2COOH ^ 11 + + IIzNCHzCOOH 


by the same reasoning as above is 




I+K2 


where Kai and iv* are the true and observed equilibrium constants for 
this reaction, but K 2 is the constant of th(^ same tautomerism 

+ 

H2NCH2COOH ^ II3NCH2COO- 

that is involved in the dissociation of the amino acid. Kai is taken 
as equal to the dissociation constant of 

H3NCH2COOCH3 ^ H+ + H2NCH2COOCH3, 
by assuming that A log is negligible for the structural change, 


H3NCH2COOH H3NCH2COOCH3 


The value of K 2 can then be used to calculate Ka for aminoacetic 
acid from the observed dissociation constant. 

Exactly the same methods can be used when equilibrium reactions 
for combination with the solvent or with added substances are in¬ 
volved. In this way it can be shown that when an added substance 
combines more completely with the ion than the acid, it increases 
the observed acid strength. Thus glycerol or mannitol combines 
more completely with B( 0 H) 20 “ than with B(OH) 3 , and so increase 
the apparent acidity of boric acid. Whether dealing with a group 
interaction or one between molecules, the same rule applies. A po¬ 
tential-energy-diminishing interaction is acid-strengthening if it is 
greater in the ion than in the acid. This rule also applies to the 


Ebert, L., Z. phyaik. Chem.j 121, 386 (1926). 
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effects of the component factors of group interaction -inductive, reso¬ 
nance, steric hindrance, polarizability, and solvation effects, or any 
other better or worse subdivision of the interaction. 

There is a special type of tautomerism that can be called imaginary 
tautomerism, in which the two isomers are indistinguishable; e.g., 

HO—CH=0 0==CH—OH. 

The equilibrium constant is necessarily unity. For these acids 

Ka = K(1 + 1) 

or 


according to whether the tautomerism exists in the acid or its con¬ 
jugate base. More geruirally,^ 

Xa = (6) 

n 

where m is the number of equivalent forms of the acid and n that of 
the ion. The ratio of the number of forms of the acid to the number 
of forms of the ion is equal to the ratio between the number of 
equivalent atoms in the ion to which the proton can return and the 
number of equivalent protons in the acid. For this reason m can 
be redefined as the number of equivalent atoms in the ion to which 
the proton can return and n as the number of equivalent protons 
in the acid. The effect of group interaction is on Ka , so that, 
when necessary, A log should be corrected for the effects due 
to any change in the numbers of the equivalences produced by the 
structural variation. Thus A log for the change CH 3 COOH to 
CH 2 (C 00 H )2 is not a true measure of the effect of substituting a 
carboxyl group for a hydrogen atom on the dissociation of acetic 
acid. The measured A log is equal to 

+ R<r + H„ + Pa + Sa + log 2. 


In general, 


A log Kff = la -j- R <7 + Ha + P(r + Sa + lOg — . 

m 


® Bjerrum, N., Z. physik, Chem,j 106, 219 (1923). 
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24. ACIDS WITHOUT RESONANCE 

In general, acids with no double bonds have little resonance in 
either the acid or its ion. There are a large number of acids of this 
type whose dissociation constants in water have been measured, 
and this collection of data covers the range from K == 10”^® to 
K — 10—a change of about 20 keals. of free energy. If we content 
ourselves with an accuracy of about 1 kcal., this work is available 
for a study of polar effects by neglecting resonance, steric hindrance, 
and other effects. Solvation effects are to a large extent eliminated 
by confining comparisons to the single solvent, water, but as these 
acids involve such a large variety of elements and relative solubilities, 
the solvent effect must still remain a large perturbation. However, 
when this becomes very large it may result in chemical combination, 
and independent evidence of this may be obtained. Thus for H 2 Te 04 
there is a very large Sa , but there is ample evidence that in aqueous 
solution telluric acid is HeToOe and for this formula is negligible. 

When the acids become strong (K = 10“^), the reaction with the 
solvent, 

+ :0H2 ^ B: + H:OH2, 

is so complete that group-interaction effects are negligible. This 
limits the range of acid strengths at one end. The other end is also 
limited by a solvent reaction, 

B: + H:OH + :OH". 

The concentration of B: cannot be raised to measurable values with¬ 
out using such high concentrations of and OH” that the solvent 
has been greatly changed. These limits apply to all types of acids 
in aqueous solution. 

The inductive effect arises from the ionic contribution to a bond. 
If it is assumed as a first approximation that the substitution of a 
hydrogen atom by another element always changes the polar char¬ 
acter of the bond to the same extent, each element may be given an 
inductive effect relative to hydrogen as a standard. The element 
replacing the hydrogen is assumed to have its other bonds at¬ 
tached to hydrogen atoms, so that the inductive effect of further 
substitution can be evaluated from the nature of the next substituent. 
Thus if we start with HnA and change to HmB — AHn-h inductive 
effect characteristic of B is introduced, and when HmB —AHn-i is 
changed to HoC— BUm^i —AHn~i, another inductive effect charac¬ 
teristic of C is introduced. However, the effect of C at any point 



202 


EQUILIBRIUM—ACID STRENGTH [Ch. VI, §24) 


past B is reduced in passing through B, the reduction being dependent 
on the polarizability of B and the nature of the bonds from B. The 
effect of C on points past B arises from the polarization inducted in 
the B-to-A bond by C. In a chain of similar atoms this reduction 
is by the same fraction for each member of the chain. 

If in one of these compounds a hydrogen ion is added or removed, 
a positive or negative formal charge is put on the atom, and an 
inductive effect characteristic of the formal charge is added. Pre¬ 
sumably the magnitude of the (effects of positive and negative formal 
charges are the same, but the signs are opposite. The inductive 
effects of formal charges on any distant atom will diminish in the 
same way as those of substituent groups with each intervening atom. 

When the kernel charge of tlu^ atom is high, the bonding electrons 
will be drawn toward that atom more than they are by a hydrogen. 
Such an atom is said to have a high positive 1 effect. Further, as 
the electronegative charactcT of the elements tends to decrease with 
th(j number of electron shells, the })ositive inductive effect should 
decrease in the same way. Thus fluorine, with its high kernel charge 
and small size, should be the most effective element in producing an 
inductive effect in which electrons are drawn towards it. 

In general, inductive effects should be additive, though this must 
be limited by saturation effects, and be less than additive as they 
assume very large proportions. 

In a hydroxyl compound, the inductive effects of substituent atoms 
and formal charges tend to change the polar character of the oxyg(m 
to hydrogen bond. As the hydrogen-ion character of the bonded 
hydrogen atom increases, the acid becomes stronger. Multiplied by 
2.3 BT, an inductive effect becomes a potential and has the dimen¬ 
sions of free eneu’gy, and may be added to the free energy of ionization 
of the parent acid to give the free energy on ionization of the derived 
acid. Or, if the acids are compared at the same temperature, the 
inductive effects may be given such relative values that they may be 
added to the logarithm of the dissociation constant of the parent acid 
to give that of the derived acid. 

In view of the complexity of solvent effects on relative strengths of 
acids, and the common occurrence of complex resonances in the 
acids and their ions, it is not of much value to attempt to separate 
the inductive and the direct effects of formal and kernel charges, 
or to attempt to consider the consequences of saturation of the 
inductive effect. Further, inductive effects assumed for the calcula- 
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tion of the strengths of acids in any particular solvent are charac¬ 
teristic of the solvent as well as of the groups producing them, for 
no bond can be exactly the same in all environments. We shall not, 
attempt to introduce different polarities for different intervening 
atoms, but assume the transmission across singly bonded atoms to be 
always the same, and to be much feebler than those across double 
bonds and resonating groups. 

It is, however, possible to calculate the strengths of a large variety 
of saturated acids derived from water on the above assumptions with 
an accuracy of a power of ten. This degree of accuracy is of some 
practical importance, but its chief value is to suggest that some other 
important factor is present in those cases in which the calculation 
fails. 

If an acid derived from water is taken as 


HpZ>—CHo—AHn—O—H, 

or any branched chain, the free energy of dissociation is approxi¬ 
mately given by taking that of water and adding a term character¬ 
istic of A for the inductive effect due to the replacement of a hydrogen 
atom by A, then adding another term characteristic of B multiplied 
by a fraction for its transmission through a saturated atom, then 
adding another term characteristic of C twice multiplied by the above 
fraction, and similarly, terms for the inductive effects of Z> and any 
other substituent groups. If any of the atoms have formal charges, 
then terms characteristic of a formal charge, multiplied by the trans¬ 
mission fraction for each intervening atom, must also be added. If 
all the terms are divided by 2.3 RT, the sum becomes the common 
logarithm of the dissociation constant and each term becomes a 
dimensionless inductive constant. This process leads to the equation 


log X = log + E laa' + E 

atoms charges 


( 6 ) 


in which la is an inductive constant for each atom other than hy¬ 
drogen, a is the fraction that reduces the inductive effect for each 
transmission across an atom, i is the number of atoms separating the 
inducing atom from the hydroxyl group, and Ic is the inductive 
constant for a formal charge. 

In this equation the dissociation constant for water should have 

the same form as that of other acids, so that Kbho is ^ fTf 

I1I2UI 
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its value at 25*^0. is not 10“^^ but 2 X 10“^®. In the preceding 
section it was shown how the number of equivalent ionizing hydrogen 
atoms in the acid and the number of equivalent atoms to which it 
can return in the ion affect the dissociation constant. As there are 
two ionizable hydrogen atoms in a water molecule, log ifnjo can be 
replaced by log which is equal to —16, and a correction 

added to the equation to take care of this multiplicity effect in the 
derived acid. 

When this correction is introduced into equation 6, it becomes: 

log Z = -16 + Z loa' + Z + log £ (7) 

in which n is the number of ionizing hydrogen atoms in the acid and m 
is the number of equivalent charged oxygen atoms in the ion. 

The following table gives the inductive constants for water at 
25°C, and the value of a. 

Table 22 

INDUCTIVE CONSTANTS FOR 
ELEMENTS AND FORMAL CHARGE 



1 

Is 

- +3.4 

ct 

2.8 

/Se 

- +2.7 

■fcharge 

= ±12.3 

/Te 

= +2.4 

/ci 

- +8.5 

/n 

- +1.3 

/Br 

- +7.5 

/P 

= +1.1 

h 

= +6 

Iab 

= +1.0 

lo 

= +4 

Ic 

= -0.4 


Since these constants are valid in resonating compounds when the 
substituent group is insulated from the resonating acidic group, their 
values are not chosen from a study of non-resonating acids only. 
The chief difference this makes is that the values chosen for the 
halogens are more nearly equal than they would be if only non¬ 
resonating acids had been considered. 

Using the constants given in Table 22, and equation (7), which 
assumes that resonance, steric hindrance, polarizability, and solvation 
effects either are negligible or can be included in the polar effect, 
we have calculated the log K values for a wide range of acids derivable 
from water. Except in a few instances the acids chosen are those 
whose accepted formulas would indicate no resonance. Where we 
have deviated from this rule the formula given for the acid is a form 
without double bonds, and the log K is calculated from the formula 
shown. The results of these calculations and the observed values 
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of log K are shown in Table 23/® In general, the agreement be¬ 
tween calculated and observed value is sufficiently close to justify 
the assignment of empirical constants for the effective polarities of 
various elements and of a formal charge. There are, however, some 
striking anomalies that warrant further discussion. 

24a. Discussion of special cases. The dissociation constants of 
strong acids are not strictly comparable with those of weak ones. 
The levelling effect of the solvent makes a solution of a strong acid 
one in which the solvent, acting as a base, has practically completely 
neutralized the acids to form a salt. The dissociation of the acid is 
then the same as that of any other strong electrolyte. The calcu¬ 
lated values are not limited in this way, and show large differences in 
the strengths of strong acids. Thus the calculations show that 
perchloric acid is much stronger than sulfuric acid. This difference 
cannot be observed in water solution, but in the more acidic solvent, 
acetic acid, perchloric acid is more highly dissociated than sul¬ 
furic acid. 

The calculations exaggerate the differences between strong acids. 
There should be a tendency for polar effects of groups to increase less 
rapidly than the calculated values when the sum of the inductive 
constants of the component parts becomes very great (a saturation 

effect). The polarity of the A —0 bond in A:OH depends on the 

— + + — 

relative contributions of the ionic forms, A: 0 and A :0. When 

the polarity of A is very great, the contribution of the ionic form 
+ — 

A :0 disappears, and further increase in the polarity of A has a 

diminished effect on the bond. As oxygen is a strongly electro- 

■+• — 

negative element, the contribution of the ionic form A :0 is nor¬ 
mally great and a considerable polarity of A is needed for saturation. 
The agreement between calculated and observed values suggests that 
this saturation effect is not reached for oxygen before the levelling 

With very few additions and corrections, the experimental values have 
been taken from Landolt and Bornstein^s Tables. The formulas given are 
those from which the calculated values are obtained. In some instances un- 

/ H-0~C-O-\ 

satisfactory formulas I e.g., | I have been chosen for purposes of 

\ H / 

comparison. Except where especially noted, the calculations are made on 
the assumption that the hydroxylic hydrogen atom marked with a bond, and 
those equivalent to it, dissociate. 
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effect of water sets in, but in the strong acids it would be expected. 
For the bonds of less electronegative elements than oxygen, this 
saturation of polar effects should be noticeable in weaker acids. It 
will be seen later that there are phenomena which point to this 
saturation effect existing in carbon bonds. 

In a strong acid derived from water there may be two or more posi¬ 
tive formal charges on the atom attached to the hydroxyl group. 
Where this atom can increase its valence shell beyond eight electrons, 
which is possible for all known strong acids of the type (0~)ni4~^”(0H)p, 
the atom A has strong acidic properties, and, a])art from the dissociation 
of the proton, the acid can be neutralized by water. The reaction is 

(0-)„^+’‘(0H)^ + mHiiO 

The effect of this reaction must be considered to be beyond the 
range of solvation effects that are included in the sum of the in¬ 
ductive constants for the solvated component parts of the group 
(0“)nA‘^XOH)p_.i. When the compound formed with any particular 
value of m is the predominant form of the acid, the dissociation 
constant can be calculated from the formula of this compound. Thus 
telluric acid would be assumed to be strong were its dissociation 
constant calculated from the formula ( 0 “) 2 Te'^^( 0 H) 2 ; but the ob¬ 
served value corresponds to the formula Te(OH)6. 

This tendency for the central atom to be nemtralized by water 
increases with its formal charge, and with the size of the valence 
shell. It can therefoi*e result in the acid of an element in a higher 
state of oxidation being weaker than a less oxidized acid. Thus 
telluric acid is weaker than tellurous, and periodic acid is weaker 
than iodic acid. 

Even when the hydroxylation of a positively charged atom has 
not proceeded to an extent beyond the formation of four equivalent 
bonds, it is to be expected that the interaction with water becomes 
very large, and tends to limit the inductive effect as the formal 
charge is increased. Thus the second dissociation of H2SO4 is less 
than that calculated for ( 0 “) 3 S“^^ 0 H, but greater than that calcu¬ 
lated for (0“)2S^(0H)3. This cannot be attributed to an equilibrium 
between the two forms, since the exchange of heavy oxygen between 
sulfate ion and water is slow.^^ 

Nitrous and formic acids have higher dissociation constants than 
those calculated for them. These acids are not generally classed 
with the oxygen acids of heavier elements. A distinction is generally 

Datta, S. C., Day, J. N., and Ingold, C. K., J. Chem, Soc., 1968 (1937); 
Mills, G. A.. J. Am, Chem, Soc., 62 , 2833 (1940). 
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made? in the formulas of these two classes of acids. Nitrous and 
formic acids are represented with neutral atoms and doubly bonded 
oxygen. In the formulas of phosphoric, sulfurous, cacodylic acids, 
etc., the double bond is replaced by a scmipolar double bond. 
According to the theories developed in Chapters III and IV, the 
distinction between these two classes of acids is one of degree and 
not of kind. Both classes of acids and their respective ions can be 
represented by the resonances 

(-0—A+—OH, 0=A—OH, -O—A=6h) 

and 

(“0—A+—0-, 0=A—0-, -O—A=0). 


Table 23 

DISSOCIATION CXINSTANTS OF NON-RESONATING ACIDS 

LoK Lon Ka 

( 0J)8er ve<j) (C alculat ed) 

strong 4-20.0 

o- 

H—O—S—0“ strong -1-7.4 

I 

OH 

o~ 

I.. 

H—O—S—O- . -1.7 4-2.5 

I 

o- 

o- o- 

h u 

H—O—P—O—P—OH . -1.0 -0.7 

I I 

OH OH 

OH 


Acid 

o- 

H—O—C1-- O".. 
1 

o- 


H—O—As—CH, 


- 1.6 - 1.1 


CH, 


H—O—S—O- 

I 

OH 


- 1.8 - 1.8 
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Table 23— Continued 

Log Ka Log Ka 

( ObBerv ed) (Calcula ted) 

- 2.0 - 1.0 

o- 

I. 

H—O—P—OH . -2.1 -2.5 

I 

OH 

o- 

I. 

H—O—As—OH. -2.4 -2.0 

I 

OH 

o- 

1 + 

H—O—Se—OH. -2.6 -2.5 

o- 

I. 

H—O—Te—OH. -2.5 -2.8 

CH, 

I. 

H—O—N—CH,. -Silo _2.8 

I 

CH, 

o- 

U 

H—O—As-CHj-CHCl—CH,. -3.8 -4.0 

I 

OH 

HO OH 

\ / 

H—O—Te—OH. -6.2 -5.7 

/ \ 

OH OH 

H—b—N—O- 


Acjd 

o- o- 

I. I. 

H—O—P—O—P—0- 

I I 

OH OH 


-3.3 


-5.6 
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Acid 

0- 0- 

Loip: Ka 
(Observed) 

Log Ka 
(Calculated) 

1+ 1+ 

H—0 —P—0- P -OH . . 

. -6.7 

-6.1 

1 1 

0- 0- 


0- 



1+ 

H—O— As— CH, . 

. -6.2 

-6.2 

1 

CHa 


0- 0- 
\ / 

H—0—Cr^ . 

. -6.2 

— 6.6 

/ \ 

OH OH 


0- 



1+ 

H—0—S—0-. 

. -6.9^ 

-6.7 

0" 



H—0—P—0-. 

1 

. -6.9 

-7.3 

1 

OH 



1 

c- 

1 

o- 



H—O—P—O -P—-O-. 

1 1 

. -8.4 

-7.3 

1 1 

0" 0“ 



H—0—C— 0-. 

. -3.8 

-7.3 

H 



0- 



a 

1 

T 

^T- 

1 

O 

1 

. -7.4 

-7.4 


H—O—Cl.. 


-7.3 


-7.6 
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Table 23--Cotdinued 

Acid 

o 

I. 

H—O—Te—O 
H—O—Br. -8.7 


Log K a 
(Observed) 


-7.7 


H O 

I I.. 

H—O—C— S -O-. 

I I 

HoCe O- 

o- 

I. 

H—O—As—CHs—CHCl—CH;, 

I 

O" 

H—O—I. 

OH 

I 

H—0—P—OH. 

OH Cl 

I I 

H—O—C—C—Cl. 

I I 

H Cl 
OH 

I 

H—0~As—OH. 

H~0—OH. 

o- 

u 

H—O—P—O-. 


o- 

o- 



o- 


-9.5« 


-8.4 


-10.5 


- 1.2 


- 11.2 


-9.2 

-11.7 

-12 


-11.5 


Log Ka 
(Calculated) 

-7.7 

-8.5 

-8.9 

-8.9 

- 10.0 

-11.f) 

- 11.6 

-11.7 

-11.7 

- 12.1 

- 12.2 
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Table 23— Concluded 

A«i.i X)OgKa Lor iCo 

(Obeer v^) ( Calcul ateii) 

OH 

I 

H—O-B—OH . -9.2 -12.6 

OH 

H—O—Al—OH. -13 -12.6 

OH 

I 

H—O—P—H . -1.5 -13.2 

H H 

\ / 

H O O H 

\l 1/ 

c- c 

/ \ 

H—O—C C 0-~H . -12.4 -13.5*^ 

/ \ / \ 

H O—C H 

\ 

H 

H—O—C-H 

I 

H 


OH 

I 

H—O—C—CHa 


-14 -14.8 


CHa 


OH 

I 

H—O—P—O-. -4.7 -16.4 

^ Estimated from the general properties of the base. 

^ The value —5.3 in the tables has been ignored. This value is taken from Kolthoflf, I. M., Chem. 
Wiekbl., 16, 1164 (1918), and is the only value that agrees with the measurements of Donnally and 
Stewart. 

® Donnally, L. H., and Stewart, T. D., J. Am, Chem. Soc,, 54, 3559 (1932). The calculated value 
includes a polar constant of 2 for the phenyl group. 

^ The inductive effects have been assumed to act through both sides of the ring. The calculation 
includes the contributions from all the hydroxyl hydrogen atoms. The hydrogen atom at the 
extreme left of the formula dissociates more than any other. 
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However, double bonds are very much less stable for atoms having 
more than two electron shells than for atoms of the second period of 
elements. Again, when A is a second-period element, A has only 
six electrons in “O— A'^ —OH and “O—A+—0~, but completes its 
octet when the double bond is formed, whereas for the higher ele¬ 
ments the atom A has an octet in “O—A+—OH or ~0—A+—0“, and 
obtains more than eight electrons when the double bond is formed. 

For these reasons, in formic and nitrous acids, the main forms for 

+ 

acid and ion are the resonating couples (0=A—OH, ~0—A=OH) 
and (0=A—0“, ~0—A=0), while in phosphoric, sulfurous, and 
similar acids the forms “O—A+—OH and “O— A —O” are more 
stable than those with double bonds, and fairly adequately represent 
the molecules. The latter class of acids can then all be treated alike 
as non-resonating acids, whereas nitrous and formic acids belong to 
the resonating acids. This type of resonance increases the strength 
of the acid, in fact, even more than would formal charges, for their 
actual dissociation constants are greater than those calculated from 
formulas of the type ““0— A~^ —OH. 

Boric acid has an anomalously high dissociation constant in com¬ 
parison with the closely related acid A1(0H)3. Both acids can be 
represented by the type formula 

/ OH OH 

(I + I- 

\H0—A—OH, HO=A—OH, etc. 

The double bond to the heavier atom, Al, is much less stable than 
that to the lighter atom, B. Hence for aluminum hydroxide the 
formula A1(0H)8 is adequate, but boric acid must be considered as a 
resonating acid. A resonance of the type suggested for boric acid 
strengthens the acid beyond that which would be calculated from the 
formula B(0H)3. This can be predicted from the resonating formula 
which tends to charge the hydroxyl groups positively with respect 
to the boron atom. The actual strength of boric acid is therefore 
greater than the value calculated from the classical formula B(0H)8. 

Phosphorous and hypophosphorous acids have long been con¬ 
sidered much too strong to correspond to the formulas P(0H)8 and 
HP(0H)2 respectively. They have therefore been assigned the 
formulas 

OH H 

HO—i+—O- and HO—P+—O". 

I I 


H 


H 
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On this basis it must be assumed that the hydrogen ion dissociates 
from the oxygen rather than the phosphorus atom. If the hydrogen 
ion dissociated from the phosphorus atom of 


OH 

u 

HO—P—O- 


H 


the resulting ion would be the same as that of P(OH) 3 , which is a 
tautomeric form of phosphorous acid. 

The equilibrium constant of the tautomerism 


HP0(0H)2 ^ P(0H)8 


is given by the equation 


JP(OHW_ 

[HP0(0H)2] 


KJ 


in which the square brackets represent the concentrations of the en¬ 
closed molecular species, Ka the acidic dissociation constant of 

P(0H)3, and Ka that of HPO(OH) 2 , assuming that the hydrogen 
attached to the phosphorus is dissociated. The observed dissocia¬ 
tion constant for the acid would be given by the equation: 

^0 ^ [H~^][P 03 H^] _ ^ [H^][P03Hr] 

[P(OH),] + [HP0(0H)3] IP(OH),] + [P(OH),] 


K, 


1 + 


Ka 

Ka 


The dissociation constant would then have to be less than that 
expected from the formula P(OH) 3 . Hence it is impossible to account 
for the high dissociation constant of phosphorous acid by assuming a 
dissociation of the hydrogen ion from the phosphorus in the tautomer 

OH 

1+ 

HO—P—0- . 

i 

If one assumes that the hydrogen ions dissociated from HPO(OH )2 
and H 2 P 0 ( 0 H) come from the hydroxyl groups, these structures 
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would explain the large discrepancies between observed and calcu¬ 
lated values, even though they would not explain why these acids 
are stronger than the more oxygenated acid, phosphoric. 

H— 

There is also a fundamental difficulty in explaining why HPO(OH )2 

_j— 

and H 2 P 0 ( 0 H) are stable with respect to P(OH )3 and HP(OH) 2 . 

H— 

The structure HPO(OH )2 represents phosphorous acid as a derivative 
of a very strong acid, phosphonium ion. This ion is so strong an 
acid that it needs a high pressure of HCl to prevent phosphonium 
chloride, PH 4 CI, from decomposing into PH 3 and HCl at room 
temperatures. Although the acidic strength of phosphonium ion 
would be reduced by the introduction of a negatively charged oxygen 

•4*—• 

atom, as in HPO(OH) 2 , it is not conceivable that this process alone 
could make it a weaker acid than the simple trihydroxy acid (HO) 3 P. 

But if the dissociation of hydrogen from the phosphorus atom of 
+ — 

HP0(0H)2 is much greater than the dissociation of hydrogen ion 


from P(0H)3, the tautomer HPO(OH )2 can exist only as a small 
fraction of the phosphorous acid, for 


[HP0(0H)2] = [P(0H)3]^^ 

K 

and —“ is a very small fraction. 

Ka 

In order to explain the strength of phosphorous and hypophosphorous 
acids, it seems that it is necessary to assume a resonance that favors 
the attachment of hydrogen ion to phosphorus or a resonance that 
assists the dissociation of P(OH) 3 . The possibility of both of these 
resonances exists. 

As has been explained previously, the semipolar bond is in reso- 

H— 

nance with a homopolar double bond, so that HPO(OH )2 is stabilized 
with respect to P(OH )3 by the resonance 

/ o- O 

\HP(0H)2, H^COH)* 


This resonance is exaggerated in the ions by additional forms: e.g., 

o- o o- 


+ 

HP—O- 

I 

OH 


HP—O- 
I 

OH 
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In the acid, additional forms would also exist, but they would be 
less important, being forms of the type 

o- 

HP=OH+. 

I 

OH 


The greater number of these additional forms in the undissociated 
phosphoric acid than in phosphorous acid might account for the 
former being slightly weaker than the latter. The chief objection 
to the formula 


/ O- O 

( 1+ II 

\HP(0H)2, HP(0H)2, 


is that the weight of evidence seems to be against any marked 
contribution of the homopolar double bond in elements beyond the 
first period of eight. (Sec the discussion on the strengths of nitrous, 
formi(‘, and boric acids, page 206.) 

ITe altcTnate theory for the strengths of phosphorous and hypo- 
phosphorous acids is that a resonance exists in which a hydrogen ion 
is alternately bonded to an unshared pair of electrons on an oxygen 
atom and to a similar pair of electrons on the phosphorus atom: e.g., 


OH 




OH 

1 + 


HO—P—O , HO—P—0“ 


This resonance would be acid-strengthening, as the dissociating 
proton is nearer to the positive pole of the imposed dipole than to its 
negative pole. The third dissociation constant of phosphorous acid 
and the second one of hypophosphorous acid would be very small, 
as hydrogen atoms left in these ions would be tied up in the resonance. 
This type of resonance could not exist in phosphoric acid or sul- 
furous acid, the former having no free pair of (electrons on the phos¬ 
phorus, and the already positively charged sulfur atom of the latter 
not having much combining power for a proton. 

In this simple form, the theory is not tenable owing to the lack of 
any single position for the hydrogen ion which would allow ready bond¬ 
ing to both oxygen and phosphorus atoms. However, this difficulty 
could be overcome by means of a bridge of water molecules or any 
amphoteric solvent. The resonance could then be represented by 
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OH 


I 

HO—P 
H 

I 

0 


/ 

H 


-O 


H 


O 


OH 


HO—P- 



-O 

H 

I 

O 

\ 

H 


In this formula two water molecules have been used; probably three 
are better. 

It may be noted that these two resonance interpretations of the 
anomalous strength of phosphorous and hypophosphorous acids agree 
with each other, and with the older explanation, in attributing the 
great strengths of these acids to the combining power of the unshared 
pair of electrons on the phosphorus atom. They all agree on the 
paradox of an essentially basic configuration increasing acidic 
strength. 

In arsenious acid the unshared pair of electrons on the arsenic 
atom has much less combining power than that on a phosphorus 
atom, and the enhancement of the acidic strength in arsenious acid 
is necessarily much less than that in phosphorous acid. In terms of 
log jSl, the difference between arsenious and phosphorous acids must 
be much greater than that between arsenic and phosphoric acids. 
These differences are, respectively, 8.0 and 0.3. The dissociation 
constant of arsenious acid is about a hundred times the calculated 
value. It would appear that even in arsenious acid a little of the 
anomaly noticed in phosphorous acid persists. 

24b. The electrostatic method. Other methods for calculating 
the strengths of non-resonating acids have been devised. These 
attempt direct calculations of the effects of the formal charges on the 
potential at the point of dissociation. Thus Kossiakoff and Harker^® 
assume a curve for the abnormally low dielectric constant in the 
neighborhood of the acid and calculate the work of removing the 
proton from the formal charges, using tetrahedral models of the 
atoms and accepted bond distances. Although these calculations 
give a variable factor for the different acids, there are also common 
factors such as the breaking of the O—H bond. These are obtained 
from the dissociation constant of phosphoric acid. They ignore all 
effects other than those of formal charges. For oxygenated acids 


Koesiakoff, A., and Barker, D., /. Am, Chem, Soc.y 60 , 2047 (1938). 
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with formal charges, their calculated values and the observed disso¬ 
ciation constants agree about as well as ours, but for less oxygenated 
acids their calculated values are less reliable. Thus their methods 
give almost identical values for H 3 ASO 4 , H 2 /?As 03 , and Hi? 2 As 02 . 
This series of acids has a range of dissociation constants from 10“'^ '* 
to 10“®’^. Similarly the methods of Kossiakoff and Harker give 
almost identical values for acids without formal charges, such as 
ClOH, BrOH, lOH, HOOH, HOH, and C 2 H 6 OH. The dissociation 
constants^* of these acids vary from to less than 10“^®. 

26. THE FATTY ACIDS 

In a study of the relative strengths of fatty acids, Derick^* ob¬ 
served (1) as a first approximation, that A log Ka for a substitution 
of a group for a hydrogen atom depended on the group and position 
of substitution; (2) that A log for a substitution is a third of that 
for a similar substitution, one atom nearer to the carboxyl group; 
(3) as a second approximation, that A log Ka for a group is not com¬ 
pletely independent of the reference acid, but tends to decrease as 
the acidic strength increases, being roughly proportional to the nega¬ 
tive of the logarithm of the dissociation constant of the acid resulting 
from the substitution. The first and second of these observations 
can be expressed by the equation 


AlogiC. = ( 8 ) 

o 


where Daa is a constant for the group and is equal to A log Ka for 
the substitution of the group on the a-carbon atom, and ia is the 
number of atoms between the group and the a-carbon atom. The 
third observation makes 


= da.{\)H- \OgKa), 

where daa is determined by the group alone, and when only one group 
is introduced into a fatty acid. The strength of the acid resulting 
from several substitutions can then be calculated by the repeated use 
of the equation 


log Ka = 


logK^ 

l+daM'-' 


(9) 


“ For other direct calculations of acid strengths, see Kirkwood, J. G., and 
Westheimer, F. H., J. Chem*. Phys,, 6 , 506 (1938). 

Derick, C. G., J. Am. Chem. Soc., 33, 1162 (1911). 
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where Ka and Ku are the dissociation constants of the substituted 
and unsubstituted acids, respectively. Derick also suggested that 
the equation could be used by making a summation of instead 

of repeating the calculation for each substitution. These two meth¬ 
ods are not identical, but with respect to agreement with fact are 
about equally valid. These methods of calculating the strengths of 
fatty acids are fairly accurate. 

The similarity between equation 8 and equation 6, which was used 
to calculate the strengths of non-resonating acids, is apparent. The 
constant J in equation 8 is the constant ix iii equation 6, for which the 
value chosen, is equal to ^ within the accuracy warranted by the 
approximations made. The quantity is proportional to 

laot' + IcCi when the groups introduced have neither reso¬ 
nance nor high polarizability. Both quantities are the polar effect 
in A log Ktr] the former may, however, include parts of the resonance 
effect that can be conveniently treated as polar in character. 

Equation 9 expresses the fact that the effectiveness of polarity 
diminishes as the polarity becomes great. In the proceeding section 
we pointed out that polar effects should exhibit a saturation phe¬ 
nomenon, and that this should be more marked in carbon than in 

oxygen bonds to any atom A on account of the greater contribution 
— 

of the ionic form O: A in the latter bonds than of the ionic form 
■— + 

C: A in the former. It is also more important to introduce a 
saturation effect in the calculation of the strength of fatty acids than 
in that of the non-resonating acids, because the former calculations 
should aim at a higher degree of accuracy than the latter. The 
fatty acids are a class of acids closely related in structure and strength. 
The non-resonating acids discussed in the preceding section cover an 
enormous range in structure, composition, strength, and interaction 
with the solvent. They have little in common except the hydroxyl 
group and only small amounts of resonance. 

The change from equation 8 to 9 is an empirical method of intro¬ 
ducing a correction for a saturation effect. This method is not suited 
for a comparison of polar effects in fatty and non-resonating acids. 
To do this it is easier to make such an empirical change in equation 7 
as to limit the effects of strongly polar groups. The simplest method 
is to combine the summations of polar effects of groups and charges 
into one summation (i.e., to make laCi + 23 J^cot == 23 lot*) 
and to assume the net polar effect to be given by the equation 

— 23 /« *_ 

' l + |5£7a‘| 


I. 


( 10 ) 
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where B can be taken as a constant for a class of sufficiently closely 
related acids, and the absolute magnitude oi la' is used since 

a saturation effect will occur for either sign of the induction. This 
equation can be only an approximate one. Further, it makes the 
saturation effect symmetrical for groups with more positive and more 
negative polarities than a hydrogen atom. This cannot be true, but 
it is not important for the fatty acids, as in these we do not deal 
with groups that greatly reduce the acidic strength below that of 
acetic acid. For non-resonating acids we made B equal to zero, a 
simplification that was warranted just as much as making a constant 
and neglecting resonance, steric hindrance, polarizability, and solva¬ 
tion effects. For fatty acids we expect a higher degree of accuracy, 
and we shall not neglect the saturation effect, i.e. B > 0. 

If wo consider the fatty acids as derivatives of water and neglect 
steric hindrancx^, polarizability, and solvation effects, the dissociation 
constant is given by the equation 

+ + ( 11 ) 

The resonance effect, R<r, is chiefly due to the difference between 
the resonance energy of the carboxyl group and that of the carbox- 
ylate ion group. The resonance energy of the latter group is much 
greater than that of the former, as the energy level of 

-O—C=OH 

I 

R 

is higher than that of 

0==C—OH 


0=C—o- 

I 

R 

are equivalent. From an empirical value of the polar effect of the 
carbonyl group and the dissociation constants of fatty acids, R<r can 
be estimated at about 6, which is equivalent to 8.6 kcals. of free 
energy. 

However, the value of R^ is not independent of the polarity of 


while 


-o—c=o 
I 

R 


R 


an(i 
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substituent groups. There are two ways of seeing that this is so. 
The full resonance of the carboxyl group can be expressed as 

/o=C— OH, -O—C=OH, -O— C—Oh\ 

I I I I )• 

\ R R R / 

The relative stability of the third form depends on the polarity of 
the group /?, becoming less stable as the polarity of the group in¬ 
creases. As this effect is more important in the acid than in the ion, 
where the form 


~0 -C—o- 

I 

R 

is of very minor importance, R,, increases with the polarity of the 
substituent groups. The other point of view is simpler. The 
resonance 

/o=C—OH, -O—C=Oh\ 

( I I ) 

gives the bond between carbon and the hydroxyl group a certain 
amount of double-bond character and consequently a higher polariz¬ 
ability than a simple single bond. In consequence, the polarity of a 
substituent group has a greater effect than it would have if separated 
from the ionizable proton by a singly bonded chain of atoms of the 
same length. It is therefore apparent that this effect can be treated 
as an enhancement of the polar effects of the substituent groups by 
multiplying by an appropriate constant; then equation 11 becomes 

+ R. + log 5. m 

This equation contains constants that can be evaluated only by 
comparison of the dissociation constants of various fatty acids. 
This is simplified by assuming the solution of the equation for acetic 
acid to be —4.75, the observed value of log iiCacetio* That is, that 

-16 + I. + R, + log i = -4.75, 

where Icr is the net inductive effect of the groups HC==0 and CHs 
that must successively replace hydrogen to change from water to 
acetic acid, and is the resonance effect of the carboxyl group apart 
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from the enhancement of the polar effects by resonance in this group. 
Log can be substituted for 

-16 + L + R. + log i 

in equation 12; and since, in acids derived from acetic, all substitu¬ 
tions occur at the a or some more distant position, ia can be substi¬ 
tuted for ^, with a corresponding change of A to A a and B to 
The equation is then 

log iC - -4.75 + (13) 

where n' and m' are the numbers of equivalent carboxyl and carbox- 
ylate groups in the acid and its ion, respectively. In this equation, 
A a and Ba are constants only for structural changes of acetic acid 
into another carboxylic acid with no conjugation between the car¬ 
boxyl and any other group; and ia is the number of atoms intervening 
between a substituent group and the a-carbon atom of a carboxylic 
acid. On the other hand, / and a are not restricted to carboxylic 
acids. Their values, given in Table 22, have already been used in the 
calculation of the strengths of non-resonating acids given in Ta¬ 
ble 23. However, the inductive constant I for a group is constant 
only when the group is substituted for a hydrogen atom in a position 
in which it is not conjugated with another group, and when some 
solvent is chosen. The use of a single value for a is restricted 
to a chain of atoms connected by single bonds. 

By plotting A log against 2 those fatty acids for 

which ^ can be calculated from the inductive constants ob¬ 
tained from non-resonating acids, one can obtain a curve whose 
slope in the neighborhood of the origin is Aa • The value of Ba can 
be obtained from the bending over of the curve as the polar effect 
increases. The best curves correspond to the values 0.3 and 0.03 
for A a and Ba, respectively. 

Except for certain polarization factors in bond dipole moments 
and for solvation effects included in inductive constants, the funda¬ 
mental causes of the two properties are similar. Consequently, if 
the dipole moment of a bond is corrected for its distance from the 
a-carbon atom, and an arithmetic sum rather than a vector sum ia 
taken for the net action of the bond dipoles on acidic strength, it is 
possible to estimate the effect of a group on the strength of a fatty 
acid from the dipole moment of its bond to carbon. Nathan and 
Watson^^ plotted the logarithms of the dissociation constants of 

Nathan, W. S.. and Watson, H. B., J. Chem. Soc.y 894 (1933). 
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XCH 2 COOH against the dipole moments of A^CHs in the vapor 
phase and obtained a curve that is approximately a straight line at 
the start, but bends over for very strong polar effects, such as would 
be obtained by introducing two halogen atoms. The curve can be 
expressed by the equation log = log Ku + a/i + h^x. When 
a|i and h^i have different signs, the latter term corrects for a satura¬ 
tion effect. 

When a resonating or highly polarizable group is separated from 
the carboxyl group by a saturated chain, it affects the strength of 
the acid because its resonance or polarization energy is different in 
the acid from what it is in the ion, owing to the different polarities 
of COOH and COO“. This effect is transmitted in the same way 
as any other polar (effect. Hence the resonance or polarizability 
effect of such an insulated substituent group can be included in its 
polar effect. However, the polar (effect of any group back of this 
substituent, or in any way conjugated with it, is affected by this 
type of substituent. In consequence, a terminal resonating or highly 
polarizable group can be assigned an inductive constant, and this 
constant, when multiplied by a"" for the group, can be included in 
the summation ^ /a*“. When, however, the group has some polar 
group back of it, or is part of a conjugated system, one cannot obtain 
the effect of the compound system by addition, but can assign a new 
inductive constant to the whole group. Thus one can assign in¬ 
ductive constants to the phenyl, p-chlorophenyl, and phenoxy 
groups, but a combination of the inductive constants of phenyl, Cl, 
and O cannot be used to obtain the effects of the p-chlorophenyl 
and phenoxy groups. Table 24 gives the inductive constants for 
some of these complex groups in a terminal and insulated position. 

Table 25 shows the calculated and olxserved values of the loga¬ 
rithms of some fatty acids. No attempt has been made to make a 
complete table, but a wide range of acids has been chosen. The 
observed values are in general taken from Landolt and Bornstein and 
from The International Critical Tables. The calculations are made 
from the inductive constants given in Tables 22 and 24 and from 
equation 13, using the values 0.3 and 0.03 for the empirical constants 
A a and Ba , respectively. These values can both be lowered or both 
raised a little without introducing much error in the calculations. 

While, in general, the calculated and observed values shown in 
Table 25 agree fairly well, an exact correlation cannot be expected, 
nor is it obtained. The calculation neglects all resonance, polariza¬ 
bility, and solvation effects that cannot be included in the polar 
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effect, and completely neglects steric hindrance. Further, it assumes 
that polar effects are all transmitted inductively. It would appear 
from the table that these somewhat gross approximations do not as 
a rule lead to errors greater than 0.3 in log K, which is equivalent to 
about 0.4 kcals. in free energy. One can, however, find greater 
differences than these between calculated and observed values. 
These anomalies are not isolated instances but occur in certain types 
of acids. We have included examples of all these types with which 
we are familiar, placing them at the end of the table, which is other- 


Table 24 

INDUCTIVE CONSTANTS FOR RESONATING AND POLARIZABLE 

GROUPS 



Inductive 


Inductive 

C'»roup 

Constant, Jg 

Group 

Constant, Jq 

F" . 

. 9 

H2C=CH. 

. 1.4 

0 


C=N. 

. 10 



Cells. 

. 1.5 

0 . 

\ 

. 6.5 

p-ClCeHe. 

. 2.0 


7/1-C1C6H4. 

. 2.3 

OH 


CeHeO. 

. 6.5 

Qb 

/ 

a . 

\ 

0- 

CHa 

/ 

c . 

0 

. 7a - 1.5 

. 5.0 

/eCH=-CH. 

. 0.8 


“ Fluorine was not included in Table 22 because the dissociation constant of F—OH is not known. 

O 

” In a (?roup having the general structure a , the resonance from the shift of the double bond 

\ 

o- 

docs not depend on the nature of the atom a. The inductive constant for such a group can be calcu¬ 
lated from the inductive constant of the atom a. la . 

wise arranged in order of calculated strengths. We shall attempt to 
show the causes of these anomalies in the following discussion. 

The direct transmission of a polar effect of a charge is better than 
it is for an electric dipole. Further, the addition of another inter¬ 
vening atom in a long chain has a relatively small effect on the po¬ 
tential of the point of ionization when that potential is produced by 
an electric charge on the other end of the chain; but an inductively 
transmitted potential would fall off to about a third of its value. 
Consequently, the calculated value of any acid with a charged atom 
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Table 25 

DISSOCIATION CONSTANTS (log K) OF FATTY ACIDS 


Log K Log K 

Acid (Observ ed) (Calculated) 

CUCCOOH. strong -0.4 

FsCHCOOH. -1.1 -1.2 

C1CH(C00H)2. -1.4 -1.4 

CLCHCOOH. -1.3 -1.4 

CH8CBr2COOH. -1.5 -1.7 

COOHCHBrCHBrCOOH. -1.4 -1.8 

(CH8)2NHCH2C00H. -1.9 -1.9 

(CH3)8NCH2C00H. -1.8 -1.9 

ClsCCH(OH)COOH. -2.3 -2.0 

CeHftCHClCOOH. -2.4 -2.4 

NCCH 2 COOH . -2.4 -2.4 

COOHCHaCHBrCOOH. -2.3 -2.4 

CeHfiCHBrCOOH. -2.5 -2.6 

FCH 2 COOH. -2.7 -2.6 

COOHCH(OH)CH(OH)COOH (racemic). -3.0 -2.7 

CICH 2 COOH. -2.8 -2.7 

CcHsCIUCHClCOOH. -2.6 -2.7 

CH2(C00H)2. -2.8 -2.8 

CH3CH(C00H)2. -3.0 -2.9 

CeHfiCHaCHBrCOOH. -2.8 -2.9 

BrCHaCOOH. -2.9 -2.9 

COaCHBrCHBrCOOH. -2.8 -2.9 

(CH8)2C(C00H)2. -3.2 -3.0 

CeHfiOCHaCOOH. -3.1 -3.1 

ICH 2 COOH. -3.0 -3.2 

C6H5CH(0CH8)C00H. -3.1 -3.3 

H2C==CHCH(0H)C00H. -3.3 -3.3 

S(CH2COOH)a. -3.3 -3.4 

H0CH2CH(0H)(C00H). -3.6 -3.5 

CHsCOCHaCOOH. -3.6 -3.5 

NO 2 CH 2 CH 2 COOH. -3.8 -3.6 

HOCH 2 COOH. -3.8 -3.7 

H3NCH(C02)CH2C00H. -3.8 -3.8 

COOHCH 2 CH 2 COOH. -4.2 -3.9 

HSCH(C2H5)C00H. -3.7 -3.9 

C1(CH2)2C00H. -4.0 -4.0 

C00HCH(CH3)CH(CH8)C00H (m.p. 209‘’C.). -3.8 -4.0 

BrCHaCHaCOOH. -4.0 -4.1 

m-ClC«H4CH2COOH. -4.1 -4.1 

P-CIC 6 H 4 CH 2 COOH. -4.2 -4.2 

CeHsOCHaCHaCOOH. -4.3 -4.2 

CHjCOCHaCHaCOOH. -4.6 -4.3 

C^ftCHaCOOH. -4.3 -4.3 

COaCHBrCHaCOOH. -4.4 -4.3 

COOHCHaCHaCHaCOOH. -4.3 -4.4 

CH 2 --CHCH 2 COOH. -4.4 -4.4 

C1(CH2)»C00H. -4.5 -4.6 
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Table 25 —Concluded 


Acid 

Log K 
(Observed) 

Log K 

(Calculated) 

Br(CH2)3COOH. 

. -4.6 

-4.6 

(C»H6CH2)2CHC00H . 

. -4.6 

-4.6 

m-ClC6H4CH2CH2COOH. 

. -4.6 

-4.6 

P-C1C«H4CH2CH2C00H . 

. -4.6 

-4.6 

CflH6CH2CH2COOH. 

. -4.7 

-4.6 

HjC=CHCHjCHjCOOH . 

. -4.7 

-4.7 

CH3C0(CH2)3C00H. 

. -4.7 

-4.7 

CH 8 CH 2 COOH. 

. -4.9 

-4.9 

(CH8)8CC00H. 

. -5.0 

-5.1 

C 62 CH 2 CH 2 COOH. 

. -5.5 

-5.3 

C 62 CH(CH 3 )CH(CH 3 )COOIi. 

. -5.9 

—5.5 

CO 2 CH 2 COOH. 

. -5.7 

-5.6 

CO CH(CH8)C00H. 

. -5.8 

-5.7 

H3N(CH2)4C00H. 

. -4.2 

-4.7 

C02(CH2)4C00H. 

. —5.5 

-5.2 

C00HC(C2H6)2C00H. 

. - 2.1 

-3.0 

C 02 C(C 2 H 5 ) 2 C 00 H. 

. -7.3 

-5.9 

H 8 NCH 2 COOH. 

. -2.3 

-1.9 

CH 8 S 02 CH 2 COOH. 

. -2.3 

- 0.8 

HCOOH. 

. -3.8 

-4.4 


widely separated from the carboxyl group is too low when the charge 
is positive and too high when it is negative. This principle has been 
illustrated, in the table, by the dissociation of the positive ion of 
6-aminovaleric acid, when log K is 0.5 units greater than the calcu¬ 
lated value, and by the dissociation constant of the ion of adipic acid, 
C00H(CH2)4C00~, where log K is 0.3 units less than the calcu¬ 
lated value. 

Stevie hindrance imposes certain shapes on the molecules. At first 
sight this would not appear to be a very important factor governing 
the strengths of fatty acids, as the steric repulsions would bo expected 
to be practically the same in an acid and in its ion. Outside of the 
carboxyl group there is little resonance in a saturated fatty acid, and 
an inductively transmitted polar effect would be practically inde¬ 
pendent of the shape. However, directly transmitted polar effects 
depend on the distance between ionizing proton and polarizing group, 
and so the shape of the molecule affects the strength of an acid. 

In general, a chain of carbon atoms is most stable when the carbon 
atoms form a zigzag. In this way, in any four-atom segment of the 
chain, the outer carbon atoms are tram to each other. Branching 
of a chain can therefore change the distances between atoms. 
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One of the most striking anomalies in the strengths of saturated 
fatty acids is the great increase in strength produced by substituting 
two alkyl radicals greater than methyl for the two ^-hydrogen atoms 
of malonic acid. The inductive constants of the introduced groups 
are negative, and a single group or even two methyl groups do not 
produce the effect. The substitution of two alkyl groups greater 
than methyl for the a-hydrogen atoms of hydrogen malonate ion pro¬ 
duces the opposite effect to an even more exaggerated degree. That 
is, these substitutions increase the fii'st dissociation constant and 
decrease the second. The phenomenon was experimentally observed 
a long time ago and has been fully substantiated. It is difficult to 
imagine that anything but a change in the spatial relationship 
between the carboxyl groups or their component parts can account 
for the phenomenon. 

Owing to the repulsive forces, the most stable configuration of 
malonic acid is probably that with the hydroxyl group of one carboxyl 
trans to the other carboxyl, as represented in the formula 

HO—C=0 

I 

H—C—CO 2 H. 

I 

H 

In this position the ionizable proton is at its maximum distance from 
the carboxyl, and the repulsion between the proton and the positively 
polar group is at a minimum, while in the ion the attraction l)etween 
the remaining proton and the negatively polar group is also least. 
When both a-hydrogen atoms are replaced by groups large enough 
to exert repulsive forces as great as that of a carboxyl group, the 
above structure is no longer uniquely favored. Steric hindrance 
diminishes the distance between the hydroxyl group and the carboxyl 
group in a dialkylmalonic acid, and the distance between the hydroxyl 
group and the carboxylate ion group in the first ion of a dialkyl¬ 
malonic acid, when the alkyl groups are larger than methyl groups. 
The result of the substitution is therefore to increase the first and 
decrease the second dissociation. 

In the preceding paragraph the hydrogen of the carboxyl group 
has been assumed to be cis to its carbonyl oxygen atom, correspond¬ 
ing to the configuration previously assumed for esters (see Figure 21), 
If the trans position of the hydrogen atom of the carboxyl group is 
permitted, another interpretation becomes apparent. In this case, 
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for the unsubstituted malonic acid, the most stable configuration 
would probably be one in which the two hydroxyl groups tend to form 
hydrogen bonds with the opposite carbonyl oxygen atoms as 
represented in the formula 


H 




\ 

o 





H 



o 


in which the small H^s extend below the plane of the paper. The 
O—H . . .0 distance is still rather large for a good hydrogen bond, 
but does permit a fair polar interaction. When groui^s larger than 
methyl (e.g., ethyl) are introduced, this configuration cannot easily 
be attained. An examination of the Stuart modc^ls shows that the 
carboxyl groups must be rotated so as to bring one hydroxyl closer 
to the opposite carbonyl oxygen atom and the other hydroxyl further 
from its corresponding carbonyl oxygen atom. The effect on the 
dissociation constants is thus the same as was deduced from the 
preceding considerations. 

There is a somewhat similar anomaly in the effect of introducing 
alkyl groups into succinic acid. This anomaly is much smaller than 
that noticed in the malonic acids, but it is quite regular and appears 
to be due to steric hindrance. The introduction of alkyl groups 
into both a positions markedly increases the first and decreases the 
second dissociation. The effect is noticeable with methyl groups, 
but is larger with ethyl and most striking when all four a-hydrogen 
atoms have been replaced. The replacement of hydrogen atoms of 
only one a position does not have much effect. 

In succinic acid steric hindrance makes the trans configuration of 
the carboxyl groups the most stable: 

H 

I 

HOOC—C—H 

I 

H—C—COOH 
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The introduction of an a-alkyl group giving 

R 

I 

HOOC—C—H 

H—C—COOH 

I 

H 

does not greatly alter the predominance of Irans-carboxyl configura¬ 
tions. The addition of another alkyl on the a' position gives the 
meso compound, 

R 

I 

HOOC -C—H 

I 

ft—C—COOH 

I 

H 

or 

R 

I 

HOOC—C—H 

I 

H—C—COOH 

I 

R 

the racemic mixture. In the first, a repulsion between carboxyl and 
R is introduced; in the second, a repulsion between R and R, These 
repulsions decrease the predominance of the irans-carboxyl configura¬ 
tion. If this configuration is the least acidic one, the introduction 
of the second alkyl group has a positive, or acid-strengthening, 
steric term in A log . This steric term is not the same in the 
meso and racemic acids, and in general meso and racemic derivatives 
of succinic acid have different dissociation constants. In the di¬ 
methyl succinic acids this difference is small, being about 0.17 in 
A log K units. As might be expected, the second dissociation con¬ 
stant of the succinic acid is greater than those of the dialkyl succinic 
acids. The imris-carboxyl configuration of the first ion is the most 
acidic configuration.^* 

Solvation effects cannot be included in the polar effect when they 

For further discussion of the relationship between the dissociations of 
dicarboxylic acids and the separation of the carboxyl groups, see Gane, R., 
and Ingold, C. K., J. Chem, Soc., 2158 (1931). 
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become so strong that they amount to bond formation, even though 
a single solvent is used. Thus it was shown in the preceding section 
that the strength of tcjlluric acid in water could not be calculated 
from the formula H 2 Tc ()4 ; that it was necessary to use the formula 
of its compound with water, HeTeOe. The formation of divalent 
hydrogen seems to be more than an electrostatic attraction, and an 
inductive constant for hydrogen should depend on its situation. 
Yet a constant value of zero has been assumed in all these calcula¬ 
tions, and this assumption must lead to some error. Since the solva¬ 
tion of bonded hydrogen atoms by water is the neutralization of 
an acid by a base, this error should be greatest when a highly acidic 
hydrogen atom is n'placed by a group whose hydrogen atoms have 

very little acidity. This is the case when hydrogen atoms are re- 
+ 

placed in an NH 3 group by alkyl groups. 

The solvation of an acidic hydrogen atom by the base, water, 
tends to decrease the acidic strength. There is more energy evolved 
by this solvation in the acid than in the ion, where the acidity of 

the hydrogen atom is reduced by negative charge. Consequently, 

+ 

when the hydrogen atoms of H 3 NCH 2 COOH are replaced by alkyl 
groups, the acidity is increased although the alkyl groups have 
negative polarities. The effect is quite regular and the order 

of decreasing strength is ft 3 NCH 2 COOH, / 22 NHCH 2 COOH, 

ftNHaCHsCOOH, and HsNCHsCOOH. In the last^mcntioned sub¬ 
stance the solvation effect has become so large that it is apparent 
even in this approximate calculation. 

Resonance effects are not explicitly included in equation 13, but 
some of them are implicitly included in the term log K for acetic acid, 
in the value chosen for the constant and in the polar constants 
assigned to insulated resonating groups. Consequently, the equa¬ 
tion can be used only to calculate the dissociation constants of 
carboxylic acids in which the carboxyl group is attached to an atom 
having all its valences satisfied by single bonds. Even these restric¬ 
tions do not entirely exclude the possibility of choosing an acid with a 
significant resonance effect that has not been accounted for in equa¬ 
tion 13. The structural restrictions placed on the choice of acids do 
not eliminate the resonance effects of chelation and the resonance due 
to the possibility of more than one electron distribution in the ionic 
component of a bond. The latter has been called ^‘no-bond^^ 
resonance. 
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The calculated value for the dissociation constant of methylsul- 
fonacetic acid, CH 3 SO 2 CH 2 COOH, is thirty times the observed 
value. There is a discrepancy in the same direction and of approxi¬ 
mately the same magnitude between the calculated and observed 
values of all a-sulfonacetic acids. The dissociation constants of 
the a-sulfoxyacetic acids (i^SOCH 2 COOH) are also smaller than 
the calculated values, but these discrepanci(\s are very much less. 
The greatest anomaly in the strengths of sulfonic derivatives of 
acetic acid is that of the sulfonic acid, IIOOCCH 2 SO 8 H. The first 
and second dissociation constants of this acid are 5.8 X and 
8.9 X 10”^ The first dissociation constant is very much less than 
those of other sulfonic acids. In general, sulfonic acids are strong 
acids, their dissociation constants being greater than 10~^. From 
these facts it would appear that the sulfonic acid group, the sulfone 
group, and to a less extent the sulfoxide group can interact in some 
way with the carboxyl group when the groups are separated by one 
carbon atom. The most probable interaction is the formation of a 
chelate ring: 

/ 6.,H..0 O 

i / \ / 

0=C S++ 

\ CH 2 CH 3 


O H O 




o—c 


\ 


o 


CH 2 


\ / 

/ \ 


CHa/ 


The bond distances and angles are such that the sulfone and 
carboxyl groups can be brought to a suitable chelation distance with¬ 
out the expenditure of much energy. Another requirement for 
chelation through a proton is that the attached groups shall not 
differ too widely in basicity. This condition is fulfilled by means 
of the resonance in the carboxylate ion group. When a resonance 
in a group helps to meet the condition of not too widely separated 
basicities of the chelated groups, the same resonance can be shown in 
the formula for the chelate ring. The carboxylate ion resonance is 
shown in the formula assigned above to the chelated methylsulfon- 
acetic acid. The chelation weakens the strength of the acid, as it 
cannot occur in the ion. 

The similarly chelated form of carboxymethylsulfonic acid, 


O..H. .0 O 
- / \ / 

O—C S++ , 

\ / \ 

CH 2 OH 


O. .H .0 O \ 
/ \ / \ 
0=c 

\ / \ / 

CHa OH/ 
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is in tautomeric equilibrium with another chelated form: 


H—O- 


O H O O 

^ \ / 

-C S++ 


CH 2 


o- 



The former is a sulfonic acid and the latter a carboxylic acid. The 
ions of both acids are identical; therefore the weaker acid, presum¬ 
ably the latter form, is the more stable, and the overall strength 
must be less than that of the less a(adic tautomer. In consequence 
the dissociation constant would be that of a carboxylic acid, not 
that of a sulfonic acid. The chelation in this acid is probably acid¬ 
weakening. The decrease in free energy on chelation with a proton 
bridge goes to a maximum as the alternative groups to which the 
proton may be attached approach equality in basicity. The group 


o- O 

^0=C , O—C, 

is certainly more basic than 


C 


) 


o- 


- ++/ 
0-S 


\ 


o- 


and the group 


( II + I ) 

\HO—C, HO=C / 


^HO—C, HO= 
is probably no less basic than 

o- 


O—S 


\ 


o- 


Hence, in the acid the alternative groups are more nearly equal in 
basicity than in the ion: 


0 .H..0 O 
^ \ / 
O—C S++ , 

V 


O..H..O o 
/ \ / 
0=€ S++ 

\ / \ 

CHj O- 
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The dissociation (constant should be less than that calculated from 
the formula HO 3 SCH 2 COOH, with the assumption that the proton 
dissociates from the carboxyl group. 

There are resonance forms of acetic and formic acids in which 
the carbon-attached hydrogen atoms have no covalent bond to the 
carbon atom. These forms are the ‘‘no-bond^^ resonance contribu¬ 
tions. The hydrogen atoms of acetic acid are alpha to a carbonyl 
group, so that the resonance 

( 

\H:C:COH, 

H2 


HC::COH 

H2 


tends to give a positive charge io the hydrogen atom, and this charge 
is enhanced by solvation. This resonance is reduced by ionization, 
and is an acid-weakening resonance. In formic acid the removal of 
the hydrogen atom as hydride ion is increased by the possibility of 
the unshared electrons of the oxygen atom completing the octet of 
the carbon atom as this atom loses its electrons to the hydrogen. 
The resonance is 


: 0 : 


: 0 : 




:0 

H: C:0:H, 


: 0 : 


H: C:: 



This resonance is greatly assisted by the removal of a proton from 
the hydroxyl group, and is therefore acid-strengthening. It is also 
assisted by solvation in water, as the acidity of the water neutralizes 
the basicity of the hydride ion, H:. To ignore these possible reso¬ 
nances and to give the same Ig value for the replacement of a hydrogen 
by a methyl group in acetic acid, as for a similar replacement in formic 
acid, introduces an error. In Table 25 this has been done, and the 
calculated value for log K of formic acid is about 0.6 units too low. 
The major part of this anomaly should be attributed to the hidden 
resonance of formate ion. This resonance has the same form as in 

carbon dioxide ^: 6 ::C:: 6 :, :0::C:0:, :0:C::0:^. The reso¬ 


nance energy of carbon dioxide is estimated by Pauling as 31 
kcals./mole. When this energy is compared to the resonance effect 
in formate ion, equivalent to 0.8 kcals./mole, one gets some idea of 
how greatly resonance is hindered by the formation of a single bond. 
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26. UNSATURATED ACIDS 

The unsaturated acids differ in many important ways from tlu^ 
saturated ones. Since we shall discuss these differences, the loga¬ 
rithms of the dissociation constants of a few unsaturated acids have 
been collected in Tabic 26. Only acids directly mentioned in the 
discussion or very closely related to them have been included. 

A double bond in the carbon chain of a fatty acid enhances the 
polarizability of the chain. In consequence, the effect of a group 
separated from the acidic group by a chain containing a double 

Table 26 

DISSOCIATION CONSTANTS OF A FEW UNSATURATED ACIDS 


Acid Log K 

CH2==CHC00H -4.25 

CHaCH^-CHCOOH. -4.69 

C2H6CH=CHC00H. -4.69 

(CH3)2C=CHC00H . . .-5.12 

CHaCHaCIUCH^CHCOOH -4.70 

C 2 n 6 C(CH 3 )=CHCOOH Hrans) .-5.13 

C 2 H 6 C(Cn 3 )=-CHCOOH ids) -5.15 

CH2=CHCH2C00H. ... -4.35 

CHaCH^CnCHaCOOH. -4.51 

C2H6CH=CHCH2C00H. -4.52 

CH2=CHCH2CH2C00H. -4.68 

CHsCH^CHCHaCHaCOOH . . -4.72 

(CH3)2C=CHCH2CH2C00H . -4.80 

COOHCH=CHCOOH ids) . -1.92 

COOHCH=CHCOO.H (trans) . . .. -3.02 

C02CH==CHC00H ids) . -6.22 

COjCH^CHCOOH itrans) . -4.38 

HC-C-COOH . -7.52 

II II 

HC CH 

\ / 

O 


bond is greater than it is when the chain is saturated. Thus A log 
for the substitution of a methyl radical for a hydrogen atom on the 
7 -carbon of CH 2 =CH—CH 2 —COQH is —0.16, and for a similar 
substitution of the /3-carbon atom of CH 2 =CH—COOH it is —0.44. 
The A log Kff for similar substitutions in saturated acids are hardly 
significant, being +.01 and +.06 respectively. The slopes of the 
cinnamic and jS-phenyl propionic acid lines in Figure* 36 also illustrate 
this point. 

The direct transmission of polar effects also is different in satu¬ 
rated and unsaturated carboxylic acids. In saturated acids the direct 
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transmission depends on the shape imposed on the molecule by the 
repulsions between the groups; in unsaturated acids the positions of 
the groups an' more precisely fixed by the lack of rotation about the 
double bond. The directly transmitted effects are much larger in 
a cis than in a trails a(;id. This is very clearly seen in a comparison 
of the dissociation constants of maleic and fumaric acids. The 
polarity of the carboxyl group is positive, so the first dissociation 
constant of maleic acid, the cifi form, is greater than that of fumaric 
acid, the trans form. 

On the other hand, the second dissociation constant of maleic acid 
is smaller than that of fumaric, since the direct effectof the carboxylate 
ion group decreases the acidic strength. The direct effect of an ek^c- 
trically charged group is larger than that of a neutral group, so the 
difference in the log K values for the second dissociation is greater 
than that for the first dissociation. Thus log Ari(,naieio) 

= 1-1. but log - log 

The double bond, being more polarizable than the single bond, 
should produce a polarizability effect. However, it also seems to 
have a polarizing power of its own. The fact that propylene has a 
dipole moment suggests this to be so. The structure of propylene 
is such that the dipoles of the C—H bonds w^ould neutralize each 
other if dipoles for H—Caikyi and H—Cvinyi bonds were the same. 
Since toluene has a dipole for which the methyl group is the positive 
end, but phenylethylene has practically no moment, the methyl- 
vinyl dipole is methyl plus and vinyl minus, and the polarity of the 
CH 2 =CH group is positive. 

The vinyl group attached to an atom with unshared electrons is 
a resonating group, and in many unsaturated carboxylic acids there 
is a resonance effect over and above that due to the carboxyl group. 
In general this resonance effect will not be identical for cis and trans 
isomers, as it alters the bond distances and the repulsions between 
groups. 

When we are dealing with a vinyl group that is separated by a 
saturated chain from the carboxyl group, and we include all groups 
that are conjugated with the vinyl group or are attached to the far 
end from the carboxyl group, the composite group can be assigned 
an inductive constant that expresses its polarity. Different induc¬ 
tive constants for the cis and trans forms must be assigned. Table 
24 includes an inductive constant for the vinyl group, and Table 25 
includes acids containing this group. The strengths of these acids 
agree with the calculated values. When the vinyl group is attached 
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to the carboxyl group, there is an additional resonance beyond that 
due to the carboxyl group. 

26a. Cross-conjugation. In acrylic acid the carbonyl group is con¬ 
jugated with both the hydroxyl and vinyl groups, but the hydroxyl 
and vinyl groups are not conjugated. The reaction we are consider¬ 
ing is the dissociation of the hydroxyl group, and the conjugation of 
the carbonyl group directly affects this dissociation, but the conjuga¬ 
tion of vinyl and carbonyl groups has only an indirect action, which 
we shall call a cross-conjugation effect. 

The cross-conjugation in acrylic acid decreases the strength. This 
is a special case of the following theorem for cross-conjugation effects 
in general. When a reaction of a group A is affected by a resonance 
of A with another group, B, the introduction of a third group, C, 
that resonates with B but not with A produces a cross-conjugation 
effect. The cross-conjugation effect decreases the magnitude but 
does not change the sign of the effect of the original resonance 
between B and A. A resonance between two groui)s means that 
there are two or more bonding arrangements for the molecule that 
diffc'r only within the groups considered. Thus in acrylic acid the 
formulas 

O 0" 

CH. 2 =C::H—C and CH 2 =CH—C 

\ \ + 

OH OH 

differ only in the bonds and charge distributions of the C=0 and 
OH groups; while the formulas 

O 0~ 

^ + / 

CH 2 =CH-- C and CHs—CH=C 

\ \ 

OH OH 

differ only in the bonds and charge distributions of the groups 
CH 2 =CH and C=0. When we say that there is no resonance 
between the vinyl and hydroxyl groups, we mean that there is no 
alternative bonding arrangement that changes only the bonds of 
these groups. There are forms that differ from 

O 

CHj=-CH—C 

\ 

OH 
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in both vinyl and hydroxyl groups, but in these the bonds or charge 
distribution of tlie carbonyl group is also changed, for instance in 
the form 


o- 




CH 2 —CH==€ 

\ ++ 

OH 

The proof of this theorem may be stated as follows: Owing to the 
resonance between groups B and C, the group B is for part of the 
time in the phase R', which does not resonate with A. The resonance 
between A and B is therefore reduced and, consequently, effects due 
to this resonance are diminished but are not reversed. 

Considering the cross-conjugation as a resonance effect, it is pos¬ 
sible to have a cross-conjugation effect on a (^ross-conjugation. The 
second cross-conjugation decreases the effect of the first. Thus in 

O 


CH2=^ 




OR 


\ 


OH 


the effect of the resonance 


O 


\ 


o- 


/ 


c 


OH 


\ + 
OH/ 


is diminished by the resonance 

(CH 2 =C—C=0, CHr-C=C—0-). 

This effect is diminished in turn by the resonance 


c 


/CH 2 =C, CH 2 —c 

I 

OR 

This last resonance tends to bring the resonance effect of 

/ O o- 


!)■ 
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back to its normal value. Each degree? of cross-conjugation has a 
diminishing effect, and in general we need only consider the first 
degree of cross-conjugation. 

The magnitude of the cross-conjugation term in log K of an acrylic 
acid is the difference between the observed value and that calculat(?d 
by equation 13 from the inductive constant assigned the vinyl or 
derived vinyl group. 

The change from CH^COOH to ('H2=CH — COOH is the replace¬ 
ment of th(? methyl group (Iq = —0.4) by the group CH 2 ==CH 
(-^CH 2 Cfr == 1-4) occurring one atom nearer the carboxyl group 
than a substitution on the alpha atom of a fatty acid. The polar 
effect of this change is eciuivalent to that for the replacement of an 
alpha hydrogen by a group with / = (1.4 + 0.4) 2.8 = 5.04. Such 
a change gives an acid with K — 10~^ if calculat(?d by equation 13. 
The observed value of the dissociation constant of acrylic acid is 
Iq- 4.25 difference is attributable to the acid-weakening effect of 

the cross-conjugation in 

O 

CH2=CH c 

\ 

OH 

The resonance term for the cross-conjugation is —0.8. This is 
equivalent to 1.10 kcal./mole. 

In a similar manner the change from CH 3 COOH to it!CH=CH— 
COOH involves a polar term eciuivalent to the introduction of a 
group for which 1 = 3.35 at the alpha position in a fatty acid. Log K 
calculated for such an acid by equation 13 is —3.84. The observed 
values for /3-monoalkylacrylic acids are about —4.7. The resonance 
term for the cross-conjugation of thc?se acids is —0.86, which is 
equivalent to 1.2 kcals./mole. 

Alkyl groups in jS-alkylacrylic acids should have unusually large 
acid-weakening effects because the negative polarity of the groups is 
easily transmitted through the double bond, and it favors the acid¬ 
weakening cross-conjugation arising from the contribution of the 
structure 

o- 

+ / 
c—c==c 

\ 

OH 
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These large acid-weakening effects of the alkyl groups are found. 
The values differ little for the various alkyl groups and are doubled in 
/?-dialkylacrylic acids. With acrylic acid as the reference acid, A log 
K for methyl = 0.44, for ethyl = 0.44, for n-propyl — 0.45, for 
dimethyl = 0 . 86 , for ethyl methyl = 0.9 {cis) and 0.88 (trans). 

An oxygen atom in an acrylic acid is acid-weakening, owing to 
the enhancement of the cross-conjugation from the contribution of 
forms of the type 


0“ 


RO=C--C==C 

\ 


OH 


Thus furoic acid 


O 





HC— 

-C - 

C 

II 

II 

\ 

HC 

CH 

OH 




0 


is much weaker than acrylic acid; in fact it is weaker even than ace¬ 
tic. Log A^(furoio acid) ~ 7.52. 

As the carbonyl group can resonate with an attached group with 
unshared electrons, a resonance effect of the carbonyl group is lowered 
by cross-conjugation when an alkoxyl group is attached to it. The 
resonance effect of the carbonyl group is very great on the C—H 
bond of an alpha carbon atom. Thus the acidity of 

O O 

II II 

RCCHiCR 

is enormously greater than that of CH 4 . This effect of the carbonyl 
group is greatly decreased by replacing an alkyl group by an alkoxyl 
one. Thus CH 8 COCH 2 COCH 3 is a stronger acid than 

O O 

II 1 

CHsCCHjCOCiHe, 

which in turn is stronger than 

O O 

CsHioicHsJoCsH,. 
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A large cross-conjugation effect is also present in the enols. Thus 
OH 0 OH O 

I II I II 

CH 3 C==CHCCH 3 is a stronger acid than CHsC^CHCOCjHs. 

Kumler has pointed out that in cyclic compounds of the type 

H 

O 

I 

C==CH 

HiC^ 

\ 

o—c==0 

the acid-weakening effect of the unshared electrons of the lactone 
oxygen atom is not present. He has explained this on the assump¬ 
tion that the form 

H 

0 

C==CH 

/ 

HiC 

\ 

o==c—o- 

+ 

is depressed by the unfavorable angles, and that the acid-weakening 
effect of this form is reduced by the polar effect of the positively 
charged oxygen atom in the ring/^ 

Similarly there is an acid-weakening cross-conjugation effect in 
carbonic acid. The strength of the acid whose structure is 

O 

H—O—C 

is difficult to measure directly, as in water solution it is in equilibrium 
with a preponderance of its anhydride, CO 2 . However, as this 
equilibrium is not instantaneous, it can be measured and the value 
of KhjCOs obtained. The experimental values vary considerably, 
but a value of 10“^'® can be taken as a fair approximation. If wo 


Private communication. 
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consider the change from CH 3 COOH to HOCOOH as equivalent to 
the replacement of an a-hydrogen by a group whose inductive con¬ 
stant is 2.8 { — Ic + ^o) = 2.8 (4-0.4 4 - 4) = 12.3, the value calcu¬ 
lated by equation 13 is log K = —1.8, keeping in mind that there 
are now two dissociable protons. The cross-conjugation effect is 
1.7, which is equivalent to 1.5 kcals. 

27. THE AROMATIC ACIDS 

27a. Resonance of aromatic nuclei. Aromatic nuclei are strongly 
resonating groups on account of the multiplicity of c^qually stable 
arrangements of the bonds. Thus for benzene and naphthalene the 
chief resonances are, respectively: 









and ! , 

j 1 





Ax/' 

1 II 

\/\/ 


There are also ionic states beyond those that are implied by the 
bonds. For instance, in benzene, besides states such as 

4- 


which is merely an explicit expression of the ionic component of one 
of the double bonds, there are also the electron arrangements 


These states may also be expressed by the formulas 



in which the para bond includes the ionic forms shown in the other 
formulas as well as the small homopolar component of the bonding 
of para atoms. The contribution of ionic forms to the structure of 
aromatic compounds gives an aryl group a high polarizability, but no 
polarizing power, as the polarity of each ionic form is compensated 
by an equal but opposite polarity of an equivalent form. In spite 




+ 
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of this an aryl group appears to hfive an intrinsic^ polarity which, 
when combined with the effect of the polarizability of the group, 
gives an effective polarity. In this way the aryl group is analogous 
to the vinyl group. 

When an aryl nucleus is bonded to an atom that has an unshared 
pair of electrons, a lack of electrons, or is doubly bonded to yet 
another atom, one of the following resonances exists: 



in which an asterisk indicates less than eight valence electrons. The 
first of these resonances charges the para and ortho carbon atoms 
negatively, and the second type charges them positively. The third 
type may charge these atoms positively or negatively; positively if B 
is more readily charged negatively than an aromatic carbon atom, 
and vice versa. All of these resonances may be classed together as 
the resonance between the benzenoidal and quinoidal forms of the 
substituted aryl nucleus. In the formal representations we have 
shown only one of the benzenoidal forms and only one of the types 
of aiyl nuclei, the benzene nucleus. 

The benzenoidal-quinoidal resonance chiefly affects the charge on 
ortho and para positions, but it is not quite without action on the 
meta position. A charge on the ortho or para position induces a 
similar but smaller charge on the meta position. Also, there are 
small contributions from meta quinoidal forms. A meta quinoidal 
form has the general structure 
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in which the circle represents any type of imsaturation and the line 
joining the meta atoms represents the combined ionic and homopolar 
components of a meta bond. Owing to the distance between the 
atoms the homoixjiar component and the strength of a meta bond is 
small, and the contribution of a meta quinoidal form is very small. 
As a first approximation benzenoidal-quinoidal resonance may b(^ 
assumed to act }:)rimarily on the ortho and para carbon atoms, and 
only by induction from these atoms on the meta position. 

27b. Classification of aromatic acids. The ionizable proton of an 
acid is connected to the aryl nucleus by either a single atom or a 
chain of atoms. Aromatic acids may be classifi(id according to the 
lack or extension along this chain of benzenoidal-quinoidal resonance. 
To describe this classification we shall call the ionizable ])roton and 
the atom to which it is attached the acidic group, e.g. the hydroxyl 
group is the acidic group of a carboxylic acid. We shall call the 
group on whose resonance with the acidic group the acidity of the 
substance largely depends an acidic resonator; e.g., the carbonyl 
group is an acidic resonator in a carboxylic acid. The aromatic acids 
may be divided into the following classes: 

(1) Acids in which the aromatic nucleus resonates with neither 
the acidic resonator nor the acidic group. Examples are C 6 HbCH 2 - 

COOH, C 6 HBOCH 2 COOH, and CeHBCHzNHs. (2) Acids in which 

the aromatic nucleus resonates with the acidic resonator but not with 
the acidic group. Examples are CgHbCOOH, C6HbCH==CHCOOH, 
and C6H6B(0H)2 . (3) Acids in which the aromatic nucleus reso¬ 

nates with the acidic group, that is, the aromatic nucleus is the acidic 
resonator. The most important acids of this type are the phenols 
and the positive ions of the anilines. 

In acids of the first type the aromatic nucleus is insulated from 
the acidic portion of the molecule. The aromatic nucleus, together 
with its substituent groups other than the connecting chain, and any 
part of this chain that is conjugated to the aryl group can be taken 
as a unit to which an inductive constant can be assigned. This unit 
then has the polar effect appropriate to its inductive constant, and 
its position in the reference acid. Thus in Table 24 the value 1.5 
was assigned to the phenyl group. Using this value, the strengths 
of many phenyl fatty acids were calculated, and given in Table 25. 
The agreement between calculated and observed values is quite good. 

When, in this type of acid, a substituent group resonates with the 
aromatic nucleus, the effect of this resonance on the dissociation of 
the acid depends on the position of the substituent group with respect 
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to the acidic group, not only in magnitude but also in sign. The 
sign of the effect can be predicted from the formula of the quinoidal 
form, which shows the location of the positive and negative charges 
with respect to the dissociating proton. Thus the isomeric groups 
P-HOC 6 H 4 and CeHsO have the same resonance, in which the qui¬ 
noidal phase is 



In the quinoidal phase of P-HOC 6 H 4 CH 2 COOH, the dissociating 
proton is nearer to the negative than to the positive charge, but in 
the quinoidal phase of C 6 H 6 GCH 2 COOH the reverse is true. Hence 
the revsonance decreases the inductive constant of P-HOC 6 H 4 and 
increases that of CellsO. In this exam[)le the inductive constant for 
CeHsO is greater than the sum /ceHs + ^o » while that of P-HOC 6 H 4 
is less than either /c«h 6 • 

In acids of the second type the resonance between the aromatic 
nucleus and the acidic resonator is a cross-conjugation decreasing 
the acid-strengthening n^soiiance between the acidic group and its 
resonator. For instance, the polar term in A log for the change 
from acetic to benzoic acid is: 


+ /ceH 5) 2.8 ^ ^ 0.3(0.4 + 1.5 ) 2.8 ^ ^ 

1 4- ~ Ic + /ceH.) 2.8 1 + 0.03(0.4 + 1.5) 2.8 

The actual value of A log for this change is 0.55, and hence , 
which is due to cross-conjugation, is —0.83, equivalent to 1.1 
kcals./mole. The cross-conjugation effect in benzoic acid is very 
nearly the same as that in acrylic acid. 

If one assumes that the polar term in A log for the change from 
C 6 H 6 CH 2 B( 0 H )2 to C 6 H 6 B( 0 H )2 is 2.8 times the polar term in 
A log K, for the change from C 6 H 6 CH 2 CH 2 B(OH )2 to C 6 H 6 CH 2 B(OH) 2 , 
and that in the latter change only the polar term in A log K is sig¬ 
nificant, then 

log J^C6H6B(0H)2 = .^C6H6CH2B(0H)2 

+ 2.8 (log i^C 6 HfiCH 2 B(OH )2 .^C«H 6 CH 2 CH 2 B( 0 H) 2 ) + 

in which AC is a cross-conjugation resonance term. The three 
dissociation constants measured in water are i^c 6 H 6 B(OH )2 ~ ^ 

10“^®, ii^c 6 H 6 CH 2 B(oii )2 — 7.55 X and iiLCeH 6 CH 2 CH 2 B(OH )2 ~ 
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1 X and hence AC = —2.19. This is equivalent to 3 

kcals./mole. That the resonance 

(<( )>-B(OH).,<^ + ^=B(()H)2) 


has a greater acid-weakening effect than the resonance 



is to be expected. 

Substitution of groups in the aromatic nucleus of acids of the 
second type produce changes in acidic strength not only by changing 
the inductive constant of the aryl group, as in acids of the first type, 
but also by changing the cross-conjugation. However, in both ways 
the group affects the dissociation constant in the same direction and, 
consequently, though the effects will be very different in the individ¬ 
ual acids, their relative effects will be very vsimilar, as they vary 
only in the proportions of the effects that are assigned to induction 
and cross-conjugation. These variations are of secondary impor¬ 
tance, and as a first approximation one can assume that the relative 
effects of substituents are the same in acids of the first and second 
types. We shall see later that this assumption does not hold for 
ortho substituents. 

In aromatic acids of the third typo, the aryl group resonates more 
strongly with the acidic group after it has lost a proton than before, 
and the resonance is acid-strengthening. For instance, in phenol 
the resonance in the acid is 

«3>^h, <3>-5h), 

while that in the ion is 

<Z>-°)- 

It is obvious that in the ion the energies of the quiiioidal forms are 
much nearer to those of the benzenoidal than in the acid, and the 
resonance decreases the free energy of the ion more than it does that 
of the acid. The resonance is therefore acid-strengthening. In 
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anilinium ion there is no resonance in the acid but there is the 
resonance 


(<^ - )>=NH.) 


in the conjugate base, and again the resonance is acid-strengthening. 

When one uses the value of the inductive constant for the phenyl 
group obtained from the fatty acids, A log for the change from 
water to phenol is equal to 1.5 -f- , and with an observed value 

for A log Kff of 6, Rtr = 4.5. Similarly, A log Ka for the change from 
+ 

NH 4 “‘" to CeHsNHs can be put equal to 1.5 + R<r, with an observed 
value of 4,5, so that R^ = 3. These calculations must be very 
rough approximations, as the inductive constant assigned to the 
phenyl group includes a polarizability term. The value 1.5 is cer¬ 
tainly too high in the case of anilinium ion, and the resonance term 
is greater than 3. As C 6 H 6 CH 2 NH 2 is a weaker base than ammonia, 
the polar term for the phenyl group is positive in ammonium ion 
derivatives, so that an upper limit of 4.5 can be set for the resonance 
effect in the dissociation of anilinium ion. 

Substitution of groups in the aromatic acids of the third type can 
affect the dissociation by changing the inductive constant of the aryl 
group, by introducing a cross-conjugation or by introducing a reso¬ 
nance beween the acidic group and the substitutent. An ex¬ 
ample of the last effect is p-nitrophenol, in which the hydroxyl and 
nitro groups allow the extra quinoidal form 




Although this extra resonance effect is in the same direction as the 
effect of the nitro group on the other types of acids, it is too large 
not to perturb the relative effect of the group as found in the other 
types of acids. 

27c. Meta groups. A substituent group affects the polarity of 
the atoms of a benzene ring through its polar and resonance effects. 
The polar effect is greatest on atom 1, next on atoms 2 and 6, next 
on atoms 3 and 5, and least on atom 4. The resonance effect is 
large on atoms 2, 4, and 6, but a smaller polarity of the same sign is 
induced on atoms 1, 3, and 5 by the polarity of atoms 2, 4, and 6. 
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The actual polarity induced by the group on any atom in the ring 
is the sum of the polar and resonance effects of the group. 

Although the resonance (iffect at the meta i^osition is at a mini¬ 
mum, it is still large enough to make the relative (;ffects of groups 
on the })olarity of tlie meta position not the same as the relative 
inductive constants of the groups. Thus if we take A log for 
meta substitutions in phenylboric acid as a measure of the polarity 
induced on the meta position and divide by the inductive constant 
of the group, the quotient is in no sense a constant, even though the 
two quantities usually have the same sign. The values for A log 
for meta substitution in phenylboric acid are 0.06, 0.24, 0.74, 0.88, 
and 1.55 for NH 2 , OH, F, Cl, and NO 2 respectively. The corre¬ 
sponding inductive constants are 1.3, 4, 9, 8.5, and 12. The quo- 
ticaits are 0.05, 0.06, 0.08,0.10, and 0.13. Small values are character¬ 
istic of atoms of the second period of elements with at least one pair 
of unshared electrons. For these atoms the polar and resonance 
effects are opposed. 

A meta substituent cannot produce much effect cither by inter¬ 
action with the acidic group or by cross-conjugation. Direct conju¬ 
gation results only from meta bonded forms, and must be small. 
The effect of a meta substitution can then be taken as that of an 
electric charge imposed on the atom to which the side chain is con¬ 
nected, and transmitted from this point by induction to the seat of 
the reaction. It is therefore to be expected that the relative values 
of A log K„ should be approximately independent of the reference 
acid when the structural change is restricted to a substitution of an 
electrically neutral group for a meta hydrogen atom in all types of 
aromatic acids. This is equivalent to saying that ITixon-Johns’ 
method could be applied to these reactions, and further that if log K 
or A log K is plotted and an arbitrarily chosen straight line is used 
for one of the reference acids, straight lines will be obtained for the 
others. How good an approximation this is can be seen by inspection 
of Figure 36. In this figure A log for phenylboric acid has been 
arbitrarily taken as a straight line at a 45® angle. 

In a study of the relative rate and equilibrium constants of reac¬ 
tions of meta and para substituted benzene derivatives, Hammett^® 
made the observation that the relative effects of the substitutions 
are the same in all cases. The equation for this rule is log = 
log Ku + <Tp, where <r is a constant for the substitution, that is, for 

Hammett, L. P., J, Am. Chem. Soc.^ 59, 96 (1937). 
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the group and the position of substitution, and p is a constant for the 
particular type of reaction studied. The equation applies to rate 
constants as well as equilibrium constants. It is natural to take a 



Figure 36. The effects of meta substituents on the strengths of certain 
aromatic acids. 


for hydrogen as zero. The values of o' for other groups arc then 
either positive or negative, but their magnitudes still depend on an 
arbitrary choice of a value of p for some reaction. The slopes of the 
lines in Figure 36 are the p values for the dissociation constants of 
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the types of acid, if p for phenylboric acid is arbitrarily taken as 
unity. Hammett chose p for the dissociation constants of benzoic 
acid as unity. HammctUs equation can be taken as a first approxi¬ 
mation to the effects of meta and para substitutions in the benzene 
ring. The agreement between the points and the straight lines in 
Figure 36 shows that for the dissociation constants of meta deriva¬ 
tives of benzene the equation is a fairly close approximation. 

The approximation is not sufficiently close to warrant a separation 
of certain groups. Thus, in the halogens Cl, Br, and I, there is a 
compensation between polarity and resonance, and their c values 
are so close that we have not considered it necessary to separate 
them, so the mean values have been used, under the caption Hal. 
The <7 value of F is sufficiently different to warrant a separate point. 
Again we have not distinguished between OH, OCH 3 , and OC 2 HB , 
or between COOH, COOCH 3 , and COOC 2 H 5 . These two sets of 
groups have been designated as OR and CO, 2 /?, respectively. The 
points for m-hydroxy and m-ethoxy are both shown in the line for 
phenylboric acid. The abscissa value is the mean. 

The values shown are taken from the various collections of acid 
strengths. The values differ somewhat, especially for phenols and 
anilines. Where possible, some preference has been given to the 
measurements in a single investigation, where the reference acid has 
also been measured. For example, we have used the A log values 
found by Bennett, Brooks, and Glasstone^® for halogenated phenols 
and anilines, and the curve for thiophenol is from the work of 
Schwarzenbach and Egli.^° 

Similarly, most of the values for phenylboric acids are taken from 
the single series of investigations by Branch, Yabroff, and Bettman.'^^*' 
Water has not always been the solvent. Thus the above-quoted 
investigations are for 30, 48, and 25 per cent alcohol, respectively. 
However, when electrically neutral substituents are used, A log Kc 
values arc practically constant for changes of solvent between water 
and 50 per cent alcohol, although the actual values of the dissociation 
constants are markedly affected by the addition of alcohol. Not 
all the dissociation constants have been measured at 25°C. Here 


Bennett, G. M,, Brooks, G. L., and Glasstone, S., J, Chem, Soc., 1821 
(1935). 

Schwarzenbach, G., and Egli, H., Helv, Chim. Acta, 17, 1183 (1934). 

2 ®* Branch, G. E. K., Yabroff, D. L., and Bettman, B., J. Am. Chem. Soc.f 
66, 937, 1850, 1865 (1934); Clear, C. G., and Branch, G. E. K., /. Org. Chem., 2, 
522 (1938). 
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again A log K, does nol. (;hange apimsciahly between room tempera¬ 
ture and 25°C., when both the acid and the reference acid are meas¬ 
ured at the same temperature. 

The slopes of the lines in Figure 36 are 0.075 for CeHsCHaC'Hj- 
COOH, 0.21 for C^cHsCHjCOOH, 0.20 for C6H6CH=CHCOOH, 0.46 

for CeHeCOOH, 1.0 for C 6 HbB(OH )2 , 1.12 for CbHbSH, and 1.44 
+ 

for CbHbNHs . These values correspond to Hammett's p value except 
for the difference in choice of an arbitrary standard. Hammett's 
value for phenol is 20 per cent lower than ours. There arc marked 
differences in the slopes of the lines for acids with the same number 
of atoms between the phenyl group and the dissociating proton. 
For instance, the values for C 6 H 6 CH 2 CH 2 COOH and C6H6CH= 
CHCOOH are 0.075 and 0.20, respectively; those for CeHsCOOH 
and C6H6B(0H)2 arc 0.46 and 1, respectively, and those for CeHsOH 

4- 

and CeHBNHa are 1.18 and 1.44, respectively. The effect of the 
group is transmitted more readily through the doubly than through 
the singly bonded pair of atoms, and is consequently greater in 
CoHbCH^CHCOOH than in C 6 HBCH 2 CH 2 COOH. The resonance 
in phenylborate ion 


/ OH OH\ 

i / -/ \ 

CbHbB , CbHbB 

\ \ \ / 

\ o- o / 

brings the charge effectively nearer to the phenyl group than the 
resonance in benzoate ion does. The difference in the last pair, 
phenol and anilinium ion, is not readily explained. 

The points for some disubstituted acids are shovra in the figure. 
These points fit the lines when the abscissa is the sum of the values 
of A log JC (C 6 HbB(OH) 2 ) for each group; i.e., the effects of the 
groups are additive. It appears to be more difficult to reach a 
saturation polarization of the benzene ring than of a saturated 
hydrocarbon chain. This is in accord with the higher polarizability 
of the aromatic nucleus than of the saturated chain. 

27d. Para groups. The value of A log Kc for a group in the para 
position may be greater or less than that of A log for the same 
group in the meta position. In some instances A log Ka for a group 
has a different sign for meta and para substitution. For example, a 
meta alkoxyl group always increases the acidic strength, but a para 
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alkoxyl group always decreases it. When the quinoidal resonance 
b((tween the grouj) and the benzene nucleus is 

(sr--\ ^ . {?==\~- ^), A log AV, > A log , 

and when th(' resonance is 



A log K 

j)-(r > A log Km-a 


The resonance) of a para group can induce a charge nearer to the 
acidic group than the resonance of a meta group can, and the effect 
of the resonance of a group is greater when the group is para than 
when it is meta. For the groups NH 2 , OR, OH, F, and to a lesser 
extent the other halogens, A log Km-a > A log Kp.(r; while for the 
groups NO 2 , COOR, COOH, CN, and B(OH) 2 , A logKp.^ > A log 
. For the methyl group, A log > A log . In general, 
groups for which A log A'„u<r > A log Kp_a ar(‘ ortho-para orienting, and 
those for which A log Kp.a > A log Km-a are meta orienting. (See 
section 52b.) 

The effect of a para group on the strength of an acidic derivative 
of benzene is not restricted to its polarity and its quinoidal resonance 
with the ring. When two groups are para to each other and each 
has a quinoidal resonance with the benzene nucleus, there is an 
interaction between the two groups through the benzene ring which 
may be either an enhancement or an interference between the reso¬ 
nances of the two groups with the ring. The former occurs when the 
resonances of the groups induce opposite charges in the ring, and the 
latter when the resonances induce similar charges in the ring. Thus 
in p-nitrophenol, besides the resonances 


and 



further resonance results from the possibility of the important 
structure 

0 - 
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while in 


the state 



leaves no double bond next to the hydroxyl group, and so interferes 
with the resonance between the hydroxyl group and the benzene 
ring. Thus the amino group produces a cross-conjugation, which 
decreases the resonance effect of the phenyl group on any reaction 
of the hydroxyl group. 

Whether a given para group capable of a quinoidal resonance will 
produce no further resonance effect, a resonance with the acidic portion 
of the molecule, or an interference with resonance between the acidic 
portion of the molecule and the benzene ring, depends on the refer¬ 
ence acid into which the group is introduced; consequently, the rela¬ 
tive values of A log Kp.c vary with the reference acid when the group 
is capable of quinoidal resonance. For instance, the resonances 
effect of a p-nitro group in C 6 H 6 CH 2 COOH is restricted to its qui¬ 
noidal resonance with the benzene ring. In C 6 H 5 B(^H )2 it interferes 
with the resonance 

(<^ )>~B(OH)., < (~r^ B(OH).). 

In CeHbOH it has an additional resonance due to the structure 



In this example the interference with the acid-weakening cross¬ 
conjugation due to the resonance 

(<( )>-B(0H)2, <^_^=B(0H).) 

increases the acidic strength, but the effect is small, being a cross¬ 
conjugation of a cross-conjugation, so that the resonance effect of 
the nitro group on the strength of phenol is relatively much greater 
than it is on the other two acids. On the other hand, if we choose a 
group whose quinoidal resonance induces a negative charge in the 



252 


EQUILIBRIUM—ACID STRENGTH (Ch. VI, §27d] 


ring, in phenylboric acid it would produce an extra acid-weakening 
resonance by interaction with the boron atom, 

(HaN—B(OH),, '~') >^B(0H)2), 

and in phenol it would have an acid-weakening cross-conjugation, 
sihce the resonance 

(HzN— ) >—OH, oh) 

interferes with the resonance 

(H 2 N— ) >—OH, H 2 N --J)==6 h). 

In this case the interference is a first-order cross-conjugation, and it is 
not possible to predict whether the acid-weakening effect of the amino 
group would be more marked in phenylboric acid or in phenol. It 
may be noted that, whether the normal resonance effect of a group 
is acid-strengthening or acid-weakening, it is enhanced in the para 
position either by cross-conjugation or by the existence of an addi¬ 
tional important structure of the type 



Owing to the foregoing additional resonance effects, the relative 
values of A log Ko for para groups are not independent of the ref¬ 
erence acid, and we carmot put A log = ap, where p is deter¬ 
mined by the reference acid and cr by the para group. 

However, if we choose reference acids of the same class, we may 
put A log Kff for both meta and para groups approximately equal to 
(Tp, where p is determined by the reference acid and a by the group 
and its position. That is, for every group two values of c are 
needed; one for the meta, the other for the para position. Two 
examples of such sets of reference acids are (1) benzoic and phenyl¬ 
boric acids, and (2) phenol, thiophenol, and anilinium ion. 

The relationship between A log for benzoic and phenylboric 
acids are shown in Figure 37, in which the points are for A log 
-^iJ^CCeHfiCooH) against A log i^i»-<r(C 6 H 6 B(OH) 2 ) y the line is for A 
log iikm-<r(CBH6COOH) agaiust A log i^»i-<r(C 6 H 6 B(OH) 2 )• ^ 3,4 disub- 

stituted benzoic acids are included, the groups being chosen so that 
no great resonance or chelation between them is likely. The points 
for para substituted and 3,4 disubstituted acids fall close to the 
line (meta substituents). 
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The relationship between A log Kp^„ values for phenol, thiophenol, 
and anilinium ion are shown in Figure 38. In this figure, curve I is a plot 
of A log A:a(C6H6SH) against A log i^a(CeH 60 H) for and para groups. 
The data is taken from the work of Schwarzenbach and Egli, using 
their measurements for both the phenols and the thiophenols. The 
experiments were done in 48 per cent alcohol, and at 20°C. Curve II 
shows the points A log A:?>.<r(C 6 H 60 H) against A log i^p-^rcceHjNHs) • 

In Figures 37 and 38 the points for meta substitution are not 
shown. Instead, the straight lines are those drawn for meta groups 
alone and shown in Figure 36, The line in Figure 37 is that for 



A Log KffC6H5B(0H)2 

Figure 37. A compariaon of the effects of substitution on the strengths of 
phenylboric and benzoic acids. 

benzoic acid in Figure 36. The lines in Figure 38 are those shown 
for thiophenol and phenol in Figure 36, with the correction for the 
change of abscissa from A log E^<r(c«H 6 B(OH) 2 ) to A log KcrcccHeOH) for 
curve I and to A log curve II. 

The points for para substituents fall fairly well on the meta line 
in the three cases shown in Figures 37 and 38. The agreement 
is very good when A log ii^<r(CoH#cx)OH) is plotted against A log 
1 but not so good when A log K^(c»HsOH) is plotted 
against A log i?<r(c*H 5 NH«) • 

The accuracy of measurements of the strengths of phenols and 
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anilinium ions is not as great as that of benzoic and phenylboric 
acids. Many investigators have mentioned the difficulty of ob¬ 
taining good measurements of the strengths of phenols and anilines, 
and the data in the literature are not very consistent. However, 
the points that vary most from the line are those for the groups 
NO 2 , F, and NH 2 . The first of these has a very strong resonance 
when para to hydroxyl or amino groups, and the other two introduce 
a strong cross-conjugation. There is no consistency between the 
last two groups, as the point for fluorine falls below the line, while 
that for the amino group is above the line. The average deviation 
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Figure 38. Comparison of the effects of substitution on the strengths of 
related aromatic acids. Curve I, phenol and thiophenol; curve II, anil¬ 
inium ion and phenol. 


for para groups in the benzoic-phenylboric curve is 0.03 units; that 
in the phenol-anilinium ion curve is 0.17. The discrepancy for the 
amino group is very large, amounting to 0.5 units. This discrepancy 
could be considerably reduced by using other values given in the 
literature for the acid and base strengths of p-aminophenol and 
p-phenylenediamine, respectively, but the values used appear to be 
the best choice. It would seem advisable to postpone judgment on 
the relative effects of the strong cross-conjugations that occur in 
amino-, alkoxy- and fluoro-substituted phenols and anilines until one 
is sure of the reliability of the measurements. 

From Figures 37 and 38 it appears that the Hammett equation, 
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log Ko — log Ku + cpy is a close approximation for both meta and 
para substitutions when acids of similar type are compared. It also 
holds for some other structural changes. In Figure 37 we have 
included points for the introduction of methylene groups between 
the phenyl and the carboxyl or boric acid groups, and for the substi¬ 
tution of an alkyl group for the aromatic nucleus. Even though these 
structural changes alter the type of acid, the points fall fairly well on 
the line. We have also introduced the points for the substitution of 
naphthyl groups for the phenyl group. In this case the point for the 
/3-naphthyl substitution is close to the line, but that for a-naphthyl 
substitution is not. The substitution of a-naphthyl is an ortho 
substitution, and as such a single value of or for the substitution 
cannot be used for both benzoic and phenylboric acids. That Ham¬ 
mett \s equation is a very poor approximation for ortho substitutions 
can be seen in Figures 37 and 38, where the ortho points have been 
plotted as squares. These points do not fall on the meta lines. 

We have already explained that the equation A log = ap 
cannot hold for para groups that resonate strongly with the benzene 
ring when aromatic acids of different classes are compared. How¬ 
ever, when the resonanc{i is small this equation can be applied to 
acids of different classes, each reference acid having a single p value, 
and each group two a values, one for meta and the other for para 
substitution. 

In Figure 39 we have plotted a mean A log K^r for phenol and 
anilinium ion against a mean value of A log for benzoic and phenyl¬ 
boric acids, l^he mean value of A log used for phenol and anili¬ 
nium ion is not the simple average. The observed A log i^a(C 6 H 60 H) 
first changed to a ^^corresponding^^ A log this value 

is averaged with the observed value of A log i^<T(C 6 H 6 NH 3 ) • This 
“corresponding” A log obtained from the graph of 

A log K^iCH.OH) against A log (curve II, Figure 38) by 

taking the value of the abscissa of a point on the curve whose ordi¬ 
nate is the observed value of A log i^acceHsOH) • same way 

the mean A log for benzoic and phenylboric acids is the average 
of the observed value of A log i^acceUsCOOH), and the abscissa of a 
point on the graph of A log ^^(CeHftCOOH) against A log iv^(C 6 H 6 B(OH) 2 ) 
(Figure 36), whose ordinate equals A log iC«r(C6H6COOH) • The two 
sets of mean values are therefore expressed as A log -K^,r(C6H6NH8) 
and A log ^Ca(C 6 H 6 B(OH) 2 ) values, respectively. The theoretical 
curve for the graph of A log ii^ir(c«H 60 H-c«H 6 NH 8 ) against A log 
fi^a(CflH6C00H-c<jH6B(0H)2) the curve for A log Km.c(C6H5NHs) against 
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A log Km-.r(C 6 H 6 B(OH) 2 ) Figurc 36). This is a straight line whose 
slope is 1.44, and which passes through the origin. 

The points for meta groups and those para groups that do not 
resonate very strongly with the benzene ring fall as close to the line 
as might be expected from the accuracy of the data. Points that 
do not fall near the line show resonance effects that are specific to 



Figure 39. Comparison of the effects of meta and para 
substitution on the strengths of aromatic acids of different 
type. 


one or the other of the two classes of acids. Only points for electri* 
cally neutral meta and para groups are given. 

Figure 39 shows very clearly the much greater effect of a para 
group, whose resonance with the benzene ring induces a positive charge 

in the ring, on an aromatic acid in which the aromatic nucleus 

+ 

resonates with the acidic group itself (CtHeOH and CJIeNHs), than 
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ionizable proton than the meta position is, and it would be expected 
that the inductively transmitted polar effect of a group should be 
greater from the ortho than from the meta or para position, while 
its resonance effects should be very similar in the ortho and para 
positions. Many examples may be quoted that support these ideas. 
Thus the chlorine atom, whose resonance effect is small in comparison 
with its polar effect, generally increases the stn^ngth of aromatic 
acids much more from the ortho than from the meta or para posi¬ 
tion. Or again, though the polar effect of the alkoxyl group tends 
to strengthen an acid, the ortho alkoxyl aromatic acids are generally 
weaker than their meta isomers, the strong acid-weakening resonance 
of the alkoxyl group being much more effective from the ortho than 
from the meta position. Were the effects of an ortho group restricted 
to its quinoidal resonance and its inductively transmitted polarity, 
A log Ko-,r for one reference acid plotted against A log for another 
but closely related reference acid would give the same curve as the 
corresponding plot for meta or para groups; and, were one to use only 
poorly resonating groups, the curve for ortho groups would be the 
same as that for meta groups even if the reference acids chosen did 
not belong to the same class. That this is not so can be seen by 
inspection of Figures 37 and 38, in which the points for ortho groups 
do not coincide in any way with the curves that fit the meta and 
para groups. 

The anomalies of ortho compounds are not restricted to their acidic 
strengths, but are found in all kinds of comparisons of the properties 
of related compounds. One of the first anomalies to be observed 
was the slower esterification of ortho substituted benzoic acids than 
of the corresponding meta and para acids. This was attributed to 
the possibility of the physical interference of ortho groups, and was 
called steric hindrance. Fliirscheim,^^ who early noted the anoma¬ 
lous strengths of ortho substituted aromatic acids, attributed the 
phenomenon to steric hindrance. He supposed that the ortho group 
hindered the return of the proton more than it did its escape. The 
effect was therefore supposed to make ortho acids anomalously 
strong. 

The effects of ortho substituents are often very complex. Some¬ 
times they appear to decrease the strength of an acid, or to increase 
the rate of a reaction. The modem trend has been to be less explicit 
as to their nature and to call them ortho effects rather than steric 


FlUrscheim, B., J, Chem, Soc.j 725 (1909). 
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hindrances. However, there seems little doubt that they are due 
to the proximity in space of ortho groups, and in many cases to be 
due to an actual spatial interference of the groups with each other. 

Although the existence of an ortho effect can be observed in graphs 
like those shown in Figures 37 and 38, this method only indicates 
that an ortho effect exists in one of two acids, but not in which acid 
it exists, or whether it is acid strengthening or acid weakening. For 
instance, A log i^^o-cuCeHsCOOH)^*® is much greater than 0.46 times 
A log -Ko.ci(CeH 6 B(OH) 2 ) J there is, therefore, either an acid-strengthening 
ortho effect in 0 -CIC 6 H 4 CO 2 H or an acid-weakening ortho effect in 
o-C 1 C 6 H 4 B(OH )2 . However, we can observe the existence of an 
ortho effect and its sign by comparing the effect of a group in the 
ortho position with its effects in the meta and para positions. For 
instance, all meta- and para-methyl aromatic acids are weaker than 
the reference acid, but many ortho-methyl acids are stronger; e.g., 

4 - 

0 -CH 3 C 6 H 4 COOH, and 0 -CH 3 C 6 H 4 NH 3 . In these cases we can as¬ 
sume that there is an acid-strengthening ortho effect. The accuracy 
with which we can observe ortho effects in this way depends on how 
accurately we can judge what would be the strength of the ortho 
acids if there were no ortho effects. At present this cannot be done 
quantitatively, and so no quantitative measure can be given for 
ortho effects. 

Any comparisons of the strengths of ortho substituted aromatic 
acids show an almost haphazard array of values such as those shown 
in Figures 37 and 38, The only regularity observable for the ortho 
groups in these figures is that for any pair of reference acids, Ai and 
A 2 , for which a plot of A log K^uo against A log is made, the 

points for ortho groups generally fall all above or all below the line 
on which the meta and para groups fall. Thus for A log K^^ctiucooii) 
against A log i^,r(C 6 H 5 B(OH) 2 ) l^be ortho points are all above the line, 
and for A log against A log A:^(c.h.nh,) the ortho points 

are either below or near the line. 

One may readily imagine ways in which the proximity of ortho 
groups may affect the strength of an acid: 

( 1 ) In an ortho-substituted group, the direction of the group dipole 
is different from that which it would have in the meta or para group, 
and so its directly transmitted effect may have the reverse sign. It 


The notation A log Ko-ci (CeHiCOOH) is used to indicate the change in 
log K for an o-Cl substitution in benzoic acid. Other subscripts have the 
corresponding significance. 
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is rather difficult to cite examples of such cases. Apparently the 
polarizability of the benzene ring is such that direct effects of elec¬ 
trically neutral groups are not great compared with induced effects. 
Theoretically the difference in the direction of the dipoles must 
contribute to the anomalies of the strengths of ortho-substituted 
aromatic acids, but by itself it is insufficient to account for the 
irregularities. 

(2) A quinoidal resonance involves the contribution of a structure 
in which the group is doubly bonded to the benzene ring. The 
structures are favored by atomic arrangements in which the group is 
so rotated that it is coplanar with the benzene ring and its substit¬ 
uent groups. Thus in C 6 H 6 NO 2 the contribution of 


o- 



is greatest when the atoms of the nitro group are in the plane of the 
ring. This type of arrangement may bring atoms of ortho groups 
so close together that they repel one another and this interferes with 
the resonances, and decreases the effect that the resonance has on 
the strength of the acid. Examples can be cited that are appar¬ 
ently due to this factor in ortho effects. For instance, in 2,5-dinitro-, 
2-nitro-5-chloro-, and 2-nitro-5-bromobenzoic acids there is less 
steric hindrance to the resonance of the 2-nitro group than in 
the corresponding 2,3 isomers; consequently, the 2,5 acids are 
stronger than the 2,3 acids. The dissociation constants are 
2.4 X 10“^, 1.35 X 10”^, 1.3 X 10“*^ for the 2,5 acids against 
1.3 X 10“”^, 4 X lO"® and 3.2 X lO"** for the 2,3 acids, respectively. 
However, exceptions may readily be found; e.g., 2,3-dinitrophenol 
is stronger than the 2,5 isomer, and it is not possible to attribute all 
ortho effects to this cause. We have already discussed the ortho 
effect due to the steric hindrance of resonance in considering the 
dipole moments of aromatic compounds. There we found that the 
steric hindrance to aminobenzene resonance could be accentuated 
by substituting methyl groups for the hydrogen atoms of the amino 
group. A similar phenomenon has been observed in the strengths 

of ortho substituted anilinium ions by Davies and Addis.^ The 
+ + 
acid 0 -CH 8 C 6 H 4 NH 8 is stronger than P-CH 8 C 6 H 4 NH 8 . This shows 

** Davies, W. C., and Addis, H. W., J, Chem. Soc,, 1622 (1937). 
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that there is some other type of ortho effect that more than com¬ 
pensates for the stcric hindrance to the resonance. But the steric 

hindrance to the resonance can be increased by putting methyl 

+ 

groups on the nitrogen atom, and o-CH 3 C 6 H 4 NH(CH 8)2 is a weaker 
acid than its para isomer. 

(3) Groups in the ortho position may have an atom of one group 
so near to one of the other group that the resonance resulting from 
the alternative bonding of this atom may be energetic enough to 
overcome the repulsion of the groups, and result in the formation of a 
chelate ring. When the energy of the chelation is greater in the acid 
than in its ion, the acid is weakened; and when the opposite is the 
case, the acid is strengthened. The formation of a ring may also 
be the result of a pair of unshared electrons of one group being 
accepted by another group ortho to it. 

Salicylic acid is an example of an ortho effect due to chelation.^ 
This acid is as strong as o-chlorobenzoic acid, in spite of the acid¬ 
weakening resonance of the hydroxyl group. Baker^^ has pointed 
out that in the still more anomalously strong acid, 2,6-dihydroxy- 
benzoic acid {Ka = the chelation in the ion is greatly assisted 

by the resonance between the almost equivalent structures: 


H C H 


O 


O 







H C H 

i I A’ 

\/\/ 




0 

\ 


C H 


0 

/ 


and 


\/ 

H C H 


A 


V 


o 



(4) The fourth factor in ortho effects is that groups in the ortho 
position are so close together that they repel one another, and this 


» Branch, G. E. K., and Yabroff, D. L., J. Am. Chem. Soc., 66, 2568 (1034). 
Baker, W., Nalure, 137, 236 (1936). 
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repulsion increases the potential energy of the molecule. This re¬ 
pulsion is affected by ionization; when it is decreased by ionization 
the acid is strengthened, and when it is increased it is weakened. 
The factors that govern the increase or decrease of the repulsive 
(inergy or ionization are very similar to those that decrease or increase 
the energy of ring formation, so that the third and fourth factors in 
the ortho effect behave in very similar ways. The criterion that 
separates them is whether the groups have a net repulsion or attrac¬ 
tion, and this criterion often is impossible to apply and is really 
immaterial. Let us consider two molecules being forced together. 
Because of the repulsive forces, the potential energy of the system 
increases as the molecules approach. However, as they approach 
there is a resonance due to the alternative bonding of some atom or 
atoms to one or another of the molecules, or there is a tendency to 
share electrons between the molecules. These processes reduce the 
potential energy. If this reduction Is greater than the potential 
energy of repulsion, the molecules attract each other and form a 
compound, but even if it is not, the reduction in potential energy 
still depends on these bond-forming forces. In the same way the 
bond-forming forces between two ortho groups may overcome thci 
repulsive forces and give a ring closure, or merely reduce the poten¬ 
tial energy arising from the close proximity of the groups. But in 
both cases the bond-forming forces are altered by the loss of a proton 
from one of the groups, and in analogous ways. If the ionization 
makes the repulsion less, or the ring closure stronger, the effect is 
acid-strengthening, and the reverse is true if the ionization increases 
the repulsion or makes the ring closure weaker. Consequently, we 
are often able to reason correctly about an ortho effect without 
knowing whether a ring is actually formed or not. 

As we have already mentioned, the methyl group definitely shows 

-f- 

a positive ortho effect in 0 -CH 3 C 6 H 4 NH 3 and 0 -CH 8 C 6 H 4 COOH. In 
the former, and in its conjugate base, the methyl and amino groups 
are brought so close together that they repel one another. The 
resulting potential energy is decreased by the energy of the resonance 

resulting from the transfer of protons from one group to the other. 
+ 

In 0 -CH 8 C 6 H 4 NH 8 this can only be an exchange of protons, but in 
0 -CH 3 C 6 H 4 NH 2 the proton from the methyl group may go to the 
unshared pair of electrons of the amino group. This should result 
in a greater decrease of the energy of repulsion in (>-CH 8 C 6 H 4 NH 2 

4 * 

than in o-CH 8 CeH 4 NH 3 , and the ortho effect should therefore increase 
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the acid strength. It is unlikely that a chelate ring is formed, as the 
bond angles for a chelate ring containing four atoms other than the 
proton link are unfavorable. In ortho benzene derivatives we find 
that five atoms other than the proton link seem to be the most 
favorable number for chelate hydrogen-bridged rings. Further, a 
hydrogen atom attached to carbon does not have the same facility 
for forming another bond as protons attached to other atoms. In 
e-toluic acid, 

O 

0-CH3CCH4C 

\ 

OH 

the tendency for bond formation through a hydrogen bridge between 
the methyl group and the oxygen atom of the carboxyl exists, and 
should be stronger for 

O O 


/- 

c 


than for C 

\ 

\ 


The ortho effect should be positive. It is possible that in this case 
a chelate ring does exist, as the chelation involves a resonance between 
several forms: 


H 

/ 





H 

H3C- V 

C—OH 

\J 


H 

HjC 

/\_c=0—H, 




H 



The last form does not directly increase the strength of the acid, but 
indirectly it assists ionization by holding the carboxyl group in a 
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position favorable to the second and third forms, whose contributions 
increase the acidic strength. 

+ 

In o-CH 3 C 6 H 4 ()H we have the same case as in 0 -CH 8 C 6 H 4 NH 3 
except that the methyl proton can be transferred to the oxygen 
atom in both the acid and its ion. But this tendency should be 
greater in the ion than in the acid. We should therefore expect a 
positive ortho effect, but we cannot predict whether it is greater or 

4 - 

less than the corresponding effect in 0 -CH 8 C 6 H 4 NH 3 . There seems 
little doubt that there is a positive ortho effect in 0 -CH 3 C 6 H 4 OH, as 
this acid is stronger than its para isomer. Further, A log i^o-cusCCjisSH) 
is much more negati\ e than A log /^o-CHsCCaHftOri) 7 it is difficult 
to account for a negative ortho effect in 0 -CH 8 C 6 H 4 SH. However, 
the ortho eff(^ct of the methyl group is less marked in o-cresol than 
in o-toluidine. 

The lack of electrons on the boron atom of o-RC^^(OS )2 results 
in some compensating force of attraction between the boric acid 
group and any group ortho to it. This may result in chelation or 
in a reduction of the normal repulsion between ortho groups. In 
the ion the boron atom is almost saturated by the negatively charged 
oxygen atom. Consequently, the stabilizing interaction between 
the boron atom and the ortho group tends to decrease the strength 
of the acid. The change in the saturation of the carbon atom of a 
carboxyl group on ionization is less than that of the. boron atom of a 
boric acid group, and the acid-weakening effect of the interaction 
of the boron atom of the boric acid group with an ortho group is 
greater than that of the carbon atom of the carboxyl with an ortho 
group. The ortho effect is therefore more negative or less positive 
in an ortho derivative of phenylboric acid than in the corresponding 
derivative of benzoic acid, and points for ortho groups in a plot 
of A log i^cr(CeH6COOH) against A log X^ccmeSCOH)*) should fall above 
the line determined by meta and para substitutions. This effect 
is shown in Figure 37. 

In o-nitrophenylboric acid, the effect of the interaction between 
the boron atom and the ortho group is present in an exaggerated 
form. This acid is weaker than its meta isomer. If we assume no 
ortho effect in o-nitrobenzoic acid, the ortho effect in o-nitrophenyl¬ 
boric acid is —4.0. If we assume zero for the ortho effect in o-nitro- 
phenylboric acid, that in o-nitrobenzoic acid is 1.8. It seems prob¬ 
able that there is a negative ortho effect in o-nitrophenylboric acid 
and a positive one in o-nitrobenzoic acid, but that the former is 
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greater in magnitude than the latter. A large negative ortho effect 
in o-nitrophenylboric acid is readily understood. The negatively 
charged oxygen atom of the nitro group is correctly situated for 
combination with the boron atom. The resulting compound, 

(H0)2B -O 

I I 

/\. N+=0, 

has both six- and hve-membered rings.^'^ 

28. MISCELLANEOUS ACIDS 

In the preceding four sections (24 to 27) we considered in some 
detail the correlations between the structure of a molecule and its 

acidity when this acidity is due to the ionic dissociation of an O—H 

+ 

bond or, in a few special cases, of S—H or N —H bonds. These 
are not the only bonds which can be made to dissociate to give 
hydrogen ion, although for polyvalent atoms they are the easiest. 
By a suitable choice of structure it is possible to make N—PI an 
acid group and even C—H; the order of the acidity of these bonds 

being N—H > O—H > N—> C—H. The reason for the 
+ 

acidity of N—H is obviously the excess positive charge. The order 
of the others is that of decreasing nuclear charge, the octet being 
complete in each case. P'rom the examination of the O—H acids, 
it was found that the groups whose introduction into the molecule 
produced the greatest acid-strengthening effects wc^e those gi’oups 
which had high polarities or introduced important new resonances. 
These groups, in an order of decreasing effectiveness as resonance- 
inducing groups when attached directly to the oxygen atom, or 
attached indirectly through a conjugated system, were 

O 

NO 2 > C=N > CHs—C > C=C. 

These same groups are the most effective acid-strengthening substit¬ 
uents for the ammonia and methane acids as well, with the added 


Bettman, B., Branch, G. E. K., and Yabroff, D. L., J, Am. Chem. Soc., 
66, 1865 (1934). 
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possibilities in these cases of having two and three such groups, 
respectively, attached directly to the atom from which proton disso¬ 
ciates (N or C). 

28a. Ammonia acids. In order to judge the acid-strengthening 
effect of a group, one must have some estimate of the strength of the 
unsubstituted acid. In the case of 

H 

H:N:, 

ii 

such an estimate can be made from a comparison with the stnu'ture 

H 

H-.O^ 

ii 

whose acid strength in water is the molarity of water, 55. The only 
difference between ammonia and hydronium ion is the unit positive 
nuclear charge on the oxygen. If the inductive constant for a unit 
positive charge, Ic = +12.3, is assumed and account is taken of the 
fact that this constant is valid for unit positive charge on the atom 
next to the oxygen by multiplying it by 2.8, one obtains its effect if 
it were directly on the oxygen, which is a value of A log K of about 
34.5. This is equivalent to saying that if the positive charge were 
removed from the structure 

H 

H 

giving the structure 

H 

H:N:, 

ii 

the strength of the acid would change from 55 to 10“^. We thus 
have an estimate of the acid strength of unsubstituted ammonia. 

When two of the feebly acid-strengthening group G=C are substi¬ 
tuted into ammonia to give the ring structure pyrrole, the result is a 
compound which will form a potassium salt quite readily when 
treated with the metal, but which is still too weak an acid to have 
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any real quantitative measure of its strength (circa 10“’^). This 
acidity is due to the resonance in the ion, 


HC 

II 

HC 


N- 


-CH HC-CH HC^ CH HC-CH HC 

II \\ I I i I II I 

CH, HC C^H, HC- CH, HC CH, 


N 


N 


N 


HC 

\ 


CH 

I - 

CW, 


N 


which in the undissociated acid is much less important because of 
the separation of charge which is required there. In the pyrrole ion 
the form with the charge on N is more stable than the other four. 
Keplaciing CH by N makes it possible to produce a structure in which 
there are more nitrogen atoms to carry the charge. If three CH 
groups are replaced by N, the resulting ion is that of tetrazole, which 
also has five forms, but the situation is reversed: four of the forms 
are equivalent low-energy forms (charge on N) and one is a high- 
energy form (charge on C). Tetrazole is therefore a much stronger 
acid than pyrrole, having a dissociation constant of the order of 10“^ 
The next acid-strengthening group, the acyl group, 

O 

II 

CHjC, 

is more effective, a single substitution being sufficient to produce 
an acid with a dissociation constant of about 10“^^, while two acyj 
groups produce a fairly strong acid; e.g., phthalimide, Ka ~ ^ X 10“^ 
Here again the important resonance in the ion is responsible, since 
in the undissociated imide it involves a separation of charge: 




Still more effective is the CN group, cyanamide having a dissocia¬ 
tion constant of about 4 X 10““ while dicyanamide is a strong 
acid, K 10“^ And here again the same principles apply, the new 
resonance forms being less important in the undissociated acid be¬ 
cause of the separation of charge necessary there which is not neces- 
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sary in the ions whose contributing forms are, for cyanamide 

ion, H—N—C=N, H—N=C=N, and for dicyanamide ion, 

N^—N—C=N, N=C-=N—C=N, N=(:~N=C=N. An in¬ 
teresting intermediate case is that of N-cyaiioacetamide whose 
dissociation constant ( 10 "“*) lies between that of a diacyl amide 
( 10 “®) and dicyanamide 

Finally, a single NO 2 group in ammonia is sufficient to produce a 
very appreciable acid strength, nitramide having a dissociation con¬ 
stant of about 2 X 10'"'^. 

28b. Methane acids. In a manner exactly analogous to the one 

which was used in estimating an acid dissociation constant for NH 3 , 

r 

it is possible from a comparison with NH4 to obtain a value of ap¬ 
proximately as a formal representation of an acid strength for 
CH4. In a similar manner the effect of the various groups on the 
acid strength of methane may be traced. 

Two vinyl groups, producing the ring stnicture cyclopentadiene, 
have in this case an exceptionally powerful effect because of the 


exact equivalence of 

all five resonance forms of the ion:^^^ 

HC CH 

HC-CH 

HC - CH 

II II 

II 1 

1 1 

HC CH, 

HC CH , 

HC- CH, 

\/ 

\/' 

\/ 

c- 

C 

C 

H 

H 

H 

HC= 

1 

-CH HC 

1 1 

—CH 

II 

1 

HC 

1 1 

-CH, HC 

II 

CH. 


C C 

H H 

Alkali metal salts of cyclopentadiene are known. 

A single acyl group produces a substance which will react with 
sodium (acetone), whereas two acyl groups produce a substance 
with a measurable acidity (iiL(aoetyiaoetone) 10 ~®). There is an 
interesting effect of cross-conjugation to be observed in this case. 
(See also section 26a.) If one of the acyl groups is part of an ester, 
as in acetoacetic ester, the acidity of the methane is greatly reduced, 
becoming This reduction is due to the non-equivalence of 


« Wheland, G. W., /. Chem, Phys., 2 , 480 (1934). 
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iho rosonanc^e forms of the ion and to the condition that the ester 
carbonyl contribution to the methane acid-strengthening resonance 
is reduced by an amount corresponding to the degree to whicli it 
contributes to the ester resonance. The three methane acid-strength¬ 
ening resonance forms, are 

O O 0- 0 0 0- 

II - II I II II I 

R <' Cli C OR, R C^CH—C—OR, R-C—Cli=C-OR, 
the last of whi(^h is nuitually exclusive with the ester resonance forms 
U ()- 

II I + 

—c—OR, —c=()ie. 

The effect of the CN group is quite readily observable even in 
CHaCN, which reacts quite rapidly with sodium, while the acid 
strength of malononitrile, CH 2 (CN) 2 , is given as about and 

cyanoform, HC(CN) 3 , is a strong acid (K 

Similarly, the series nitromethane, dinitromethane, and nitroform 
have been assigned the constants IQ-^h and 10“^ respectively. 
It is interesting to note the reduction of the effectiveness of the 
NO 2 group when it is separated from the methane carbon atom by a 
conjugated system such as the phenyl group. The dissociation con¬ 
stant of trinitrotriphenylmethane^^ can be estimated to be about 
10-18. 

28c. Generalized acids. In section 22 it was pointed out that in 
order that a substance be an acid it is not necessary that it be capable 
of dissociating to give a hydrogen ion. There are many such sub¬ 
stances among inorganic compounds^®—e.g., BCls, SO3 —but among 
organic compounds, aside from boric acid derivatives and similar 
substances, there are relatively few whose acidity is unequivocally 
not due to a dissociable proton. One of the best examples of such 
an acid is trinitrobenzene. In this case one cannot use the ordinary 
dissociation constant to describe its strength as an acid, unless one 
formally describes it as the dissociation of a hydrate, which it clearly 
is not. It is, however, used as an indicator, and the change to a 
deeply colored substance occurs in the pH range 14-14.3.^ The 

^ Lewis, G. N., and Seaborg, G. T., J, Am. Chem. Soc., 61, 1894 (1939). 

*8 Lewis, G. N., J. Frank. Inst., 226, 293 (1938). 

Calculated as the dissociation of a hydrate, this would correspond to an 
acid-dissociation constant of about 10“^^ 
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acidity is due to the ability to combine with base. For the base 
OH“, the reaction may be written 


0 


0- 

0 

0- 


\+/ 
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with relatively stable resonance forms in the ion of the type: 

0 0 - 0 0 - 
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0 0- 
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Chapter VII 


ENERGY RELATIONSHIPS IN SOME OTHER 
REACTIONS 

29. IONIC RESONANCE AND THE HEAT OF FORMATION 

In the discussion of the hydrogen molecule in Chapter III, it was 
shown that a better approximation to the experimental value for 
the heat of the reaction 2H —+ H 2 , was obtained when a small 

*f- — — -+■ 

contribution of the ionic states H : H and H: H was included in the 
ground state of the hydrogen molecule. When the two atoms in the 
bond are unlike, the contribution of the ionic forms will be expected 
to be greater, and the two forms will not contribute equally. This 
condition was held mainly responsible for the appearance of dipole 
moments in single bonds between unlike atoms, and for the inductive 
effect of Chapter VI. In this section we will examine its effect on 
the bond energy of single bonds between unlike atoms: for example, 
the hydrogen halides and the halogen halides. 

Since the experimentally measured value for the dissociation ener¬ 
gies of these diatomic molecules (bond energies in these cases) include 
the effects of whatever ionic resonance there might be, it is necessary 
to have some estimate of what the energy would be if the bond were 
purely homopolar or, to be more precise, had only the ionic resonance 
which will always be associated with a homopolar bond between like 
atoms. Pauling^ has done this by two methods: (1) by assuming 
that the energy of the homopolar bond A — B would be given by the 
arithmetic mean between the energies of A—A and B — B, i.e., 
Eh(A — B) = ^{E{A —4) + E{B —jB)], or (2) by assuming that 
Ek{A — B) is the geometric mean of E{A — A) and E{B — B)\ i.e., 
Eh{A — B) = [E{A —^^4) X E{B —Since the postulate of the 
arithmetic mean fails in a number of cases (alkali hydrides), we will 
concern ourselves here only with the results of the second assumption. 
In Table 27 are given the bond energies (dissociation energies) of 
hydrogen, the halogens, the hydrogen halides, and some halogen 
halides, together with the values for the purely homopolar bonds 
(jalculated by use of the assumption of the geometric mean. The 

1 Pauling, L., The Nature of the Chemical Bond. Cornell University Press, 
1939. 
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experimental values are the heats of dissociation determined either 
spectroscopically or from thermal measurements. The values in the 
fourth column for the difference A = E{A — B) — Eh{A — B) are all 
positive; i.e., the experimental value of the bond energy between 
these unlike atoms is always greater than that calculated from the 
geometric mean. In columns five and six are given the energies re¬ 
quired to form A+ and B~ from A and B and to form A~^ and 
from A and B, in the gas phase, obtained from the ionization poten¬ 
tials and electron affinities of the respective atoms. Furthermore, 
it may be seen that, in each series of related compounds, the hydrogen 
halides and the halogen halides, A increases with the difference 
between the energies of B~ and A ~, B^. From these data, then, 


Table 27 

BOND ENERGIES (KCALS./MOLE) OF CERTAIN HALIDES 


Molecule 

EiA - B) 
Bond 
Energy 

Eh(A-B) = 
[EU-A) 

A = E(A-B) 

E{A^, B-) 

- E(A, B) 

E{A-, B^) 

(Exper.) 

X E(B B)]i'i 

- Eh{A B) 

- E{A, B) 

H—H . 

.. 103.4 



296 

290 

F-F 

63.5 



330 

330 

Cl -Cl . 

57.8 



206 

206 

Br--Br . 

46.1 



191 

191 

D I . 

36.2 



162 

162 

H -F . 

.. 147.5 

81.0 

66.5 

213 

413 

H Cl . 

.. 102.7 

77.3 

25.4 

220 

283 

H- Br . 

87.3 

69.0 

18.3 

225 

256 

H-1 . 

71.4 

61.2 

10.2 

233 

224 

Cl - F . 

86.4 

60.6 

25.8 

200 

337 

Br-Cl . 

52.7 

51.6 

1.1 

180 

211 

I— Br . 

42.9 

40.9 

2.0 

154 

193 

I -Cl. 

51.0 

45.7 

5.3 

148 

220 


we can conclude that the geometric mean does give a fair approxima¬ 
tion to the energy of the homopolar bond which, however, includes 
+ — — + 

the ionic resonances A : B and A : B when they are of the same 
energy as they are in homonuclear diatomic molecules. When, 
however, one form has a very much lower energy than the other, as 
must be the case in HF, the energy of the bond is much greater than 
that calculated by the geometric mean, because of the large contribu¬ 
tion to resonance of the ionic form H'^rF”. 

30. VALENCE BOND RESONANCE AND HEAT OF FORMATION 

In order to estimate quantitatively the amounts of stabilization 
produced in a compound by the possibility of writing more than one 
valence bond structure—e.g., as in benzene (see Chapter IV)—it is 
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necessary to have some estimate of the energy of the molecule if tljat 
resonance were not present. This Pauling has done by means of a 
set of bond energies obtained primarily from the data on heats of 
combustion, or heats of formation of the compounds, together with 
the heats of formation of the products of combustion, CO 2 and H 2 O, 
and the heats of formation of the atoms from the elements in their 
standard states. Only compounds for which it is not possible to 
write more than one valence bond structure can be used, and it is 
found that the values so derived for the bond energies are additive 
and give a fairly good approximation to the heat of formation, from 
the atoms, of a large number of non-resonating molecules. It should 
be borne in mind, however, that these valiies do not necessarily repre¬ 
sent the energy recjuired to break only the bond in question in a 
polyatomic molecule. They represent only averages whose sums are 
a fairly accurate representation of the total energy of the molecule. 
The state of affairs may be better illustrated by a few examples of 
the method. The heat of formation of methane from hydrogen gas 
and graphite is given as —18.1 kcals./mole by Parks and Huffman.^ 
In addition, we must have the heat of sublimation of graphite, 
124.3 kcals., and the heat of dissociation of hydrogen, 103.4 kcals. 
These three reactions can be combined so as to give a value for the 
heat of formation of methane from atoms, 349.2 kcals. 

C(graph.) + 2 H 2 = CH 4 (g) A// = -18.1 kcals. 

C(g) = C(graph.) A// = —124.3 kcals. 

4H(g) = 2H2(g) A77 = -206.8 kcals. 

C(g) + 4H(g) = CH 4 (g) AT/ = -349.2 kcals. 

Oxie fourth of this value, namely 87.3, is taken as the energy of the 
C—H bond. This is clearly not the energy required for the reaction 
CH 4 —► CHs -f- H, but is the average of the energies required for the 
reactions CH 4 CH 3 + H, CH 3 CH 2 + H, CH 2 CH + H, 
and CH —> C + H. From the heat of formation of ethane from the 
elements in their standard states, —23.5 kcals., the heat of formation 
from the atoms is found to be 582.3 kcals., from which is subtracted 
the energy of 6 C—H bonds to give the value 58.5 kcals. as the 
energy of the C—C bond. Here again this need not be the heat of 
the reaction C 2 H 6 —> 2CH8. 

2 Parks, G. S., and Huffman, H. M., The Free Energies of Some Organic 
Compounds. Chemical Catalog Co., New York, 1932. 
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In this manner Pauling has compiled a table (28) of single and 
multiple bond energies which reproduce the heats of formation, from 
atoms, of the large class of compounds for which not more than one 
covalent-bond structure may be written. 

The least accurate quantity used in the calculation is the heat of 
sublimation of graphite. Any individual bond-energy value which 
has been derived from a carbon compound is dependent upon the 
value taken for the heat of sublimation of graphite. However, dif¬ 
ferences and deviations from the additivity rule are independent of 
what value is taken. 


Tabi.e 28 


BOND ENERGIES (PAULING) 


Bond 

Bond Energy 
kcals./mole 

Bond 

Bond Energy 
kcals./mole 

Bond Energy 
} Bond kcals./mole 

H—H. 

. 103.4 

C—N. 

.... 48.6 

C=C. 

100 

C—C. 

. 58.6 

c—o. 

.. 70.0 

c=c. 

123 

N—N. 

. 23.6 

c-s. 

. 54.5 

c=0 (aid.). 

149 

P—P. 

. 18.9 

C -F . 

.. 107.0 

0=0 (ket.). 

152 

0—0. 

. 34.9 

C—Cl 

.. . 66.5 

C=-N . 

94 

s~s. 

. 63.8 

C—Br. 

54.0 

C=N (HCN). 

144 

Cl—Cl. 

. 57.8 

C—I. 

.... 45.0 

0=N (cyanide). 

150 

Br—Br. 

. 46,1 

N—F. 

.... 68.8 

C-=S . ... 

103 

I-I. 

. 36.2 

N—Cl. 

... 38.4 

0=0 (^D state of O 2 ) 

96 

C—H. 

. 87.3 

P—Cl. 

.. . 62.8 

N==N (Nj). 

170 

N—H. 

. 83.7 

P—Br 

.... 49.2 

N=0 (see Table 33) 

113 

P—H. 

. 63.0 

P~I. 

... 35.2 



O—H. 

. 110.2 

0—F. 

... 58.6 



S—H . 

. 87,5 

O—Cl. 

.. 49.3 



H--F. 

. 147.5 

8— Cl. 

. 66.1 



H— Cl. 

. 102.7 

S— Br. 

57.2 



H—Br. 

. 87.3 

N—O (see Table 



H—I. 

. 71.4 

33). 

. 57.0 1 




30a. The branched-chain effect. There is, however, at least one 
group of such apparently single-structure compounds for which this 
simple rule of the additivity of bond energies fails; namely, the 
branched-chain hydrocarbons. If the additivity rule were true, all 
saturated hydrocarbons having the same number of carbon and hy¬ 
drogen atoms would have the same heat of formation, and this is 
certainly not true. Generally the branched chain has a smaller heat 
content than the straight chain by several kcals. It should be re¬ 
membered that most of these heats of formation are for 298°K and 
therefore include some contribution depending on the symmetry of 
the molecule and the character of its vibrations. In a few cases 
the AH? has been determined®; n-butane AH? = —23.90 and iso- 

» Pitzer, K. 8., /. Chem. Phys., 5, 473 (1937). 
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butane AHq == 25.45; butene-1 AHq = +4.72 and isobutene 

AHq = + 0.85. These values measure only the electronic or binding 
energies, and the difference between the isomers is maintained. 

Such effects appear also in the energy of the ethylenic double bond 
as evidenced by the heats of hydrogenation. Here the values an? 
more significant, since they are directly measurable and an? not 
small effects to be deduced from measurements of such relatively 
large effects as the heats of combustion. Kistiakowsky'* and his 
collaborators have measured directly the heats of hydrogenation of 
a number of unsaturated compounds by carrying out the hydrogena¬ 
tion catalytically in a calorimeter. The results are given in Table 29. 


Table 30 

HEATS OF HYDROGENATION AND DEGREE OF liRANCHING 


AH 3 B 6 for Kq. A 

A //298 for Eq. B 



~AJ/ 

Ri 

Rj_ 

~AH 

0 

0 . 

32.6 

0 

0 . 

. . . 15.5 

1 

0. 

. 30.2 

1 

0. 

... 13.2 

2 

0. 

28.3 

2 

0. 

.. 11.3 

2 

1. 

. 26.9 

3 

0. 

... 9.6 

2 

2. 

. 26.6 

1 

1. 

... 10.6 

1 

1 (cis) . 

. 28.6 

3 

3. 

... 7.2 

1 

1 {trails) . 

. 27.6 





Ri and R 2 represent the number of carbon atoms attached to atoms 1 and 2, respectively. 


The variation in the monoolefines is 6 kcals. (32.6 for ethylene to 
26.6 for tetramethylethylene). The values fall into groups depending 
upon the number of carbon atoms (or hydrogen atoms) attached to 
the atoms involved in the double bond. In Table 30 are collected 
the values classified in this way for the reaction 

be he 

II II 

CL —Gi===Cy2— (I + H2 — ^ CL —Cl—C/2 —d (A) 

II 

H H 


^ Kistiakoweky, G. B., Romeyn, H. Jr., Ruhoff, J. R., Smith, H. A., and 
Vaughan, W. E., J, Am, Chem. Soc.y 67, 65 (19^); Kistiakowsky, G. B., 
Ruhoff, J. R., Smith, H. A., and Vaughan, W. E., J. Am. Chem. Soc.j 67, 876 
(1935); Kistiakowsky, G. B., Ruhoff, J. R., Smith, H. A., and Vaughan, W. E., 
J. Am. Chem. Soc.f 68, 137 (1936); Kistiakowsky, G. B., Ruhoff, J. R., Smith, 
H. A., and Vaughan, W. E., J. Am. Chem. Soc.f 68, 146 (1936); Dolliver, M. A., 
Gresham, T. L., Kistiakowsky, G. B., and Vaughan, W. E., J. Am. Chem. Soc.f 
69, 831 (1937); Dolliver, M. A., Gresham, T. L., Kistiakowsky, G. B., Smith, 
E. A., and Vaughan, W. E,, J. Am. Chem. Soc., 60, 440 (1938); Conn, J. B., 
Kistiakowsky, G. B., and Smith, E. A., J. Am. Chem. Soc.f 61, 1868 (1939). 
For bromination of some olefines, see Conn, J. B., Kistiakowsky, G. B., and 
Smith, E- A., J. Am. Chem. Soc.f 60, 2764 (1938). 



















[Ca. VII, §30nJ ENERGY RELATIONSHIPS (CONTINUED) 


277 


where a, 6, c, and d may be hydrogen atoms or carbon atoms of 
other alkyl groups. 

In Table 30 are also given the values of A// for the reaction 

c d c d 

II I I 

h —Ch—C 2 —e + H 2 —> b —Cl—H + H—C 2 —c (B) 

II I I 

a f a f 

calculated from the available thermodynamic data for the gaseous 
substances at 298°K. 

All these variations may be understood on the assumption that the 
energy of a single or double bond between a pair of carbon atoms is 
the smaller, the more carbon atoms there are attached to the ones 
concerned in the bond. If this were attributed to resonance, one 
must assume contributions from forms in which there are bonds be¬ 
tween atoms that are not bonded to each other in the classical formu¬ 
las. This is equivalent to saying that the exchange integrals between 
electrons on non-adjacent atoms are not negligible. Presumably, 
however, one need consider only the interactions of atoms separated 
by not more than one atom. Although branching of the chain does 
not increase the total number of such atoms, it does increase the 
number of such pairs of identical atoms. For example, in n-butane, 

H H H H 

I I I I 

H—C—C—C—C—H, 


H H H H 


there are 8 pairs of hydrogen atoms whose electron interactions are 
not represented by the formula and which are separated by only 
one atom. There are two such pairs of carbon atoms and 14 such 
carbon-hydrogen couples, making a total of 24 non-adjacent inter¬ 
actions, In isobutane, 

H H H 

H—H, 

H i 

H—C—H 


H 
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the corresponding numbers are 9 for hydrogen, 3 for carbon, and 12 
for carbon-hydrogen, making again a total of 24. If this is the ex¬ 
planation of the branching effect, then the exchange in what we have 
called the carbon-hydrogen couple must be less important than the 
others. This assumption is not unreasonable, as this interaction 
involves an exchange of electrons in different kinds of bonds and 
hence of different energies. Thus, in Figure 40, electron pairs 1 and 
2 are in similar states and will have an appreciable exchange integral, 
as will also electron pairs 3 and 4. However, pairs 2 and 3 will be in 
quite different energy states and hence their exchange (or resonance) 
will be small by comparison. Since similar energy effects are found 
among the isomeric alcohols and alkyl halides, it must be assumed, 
if this same explanation is to be valid, that it is the C—H electron 
pair which is unique. 



p @ p (g) p @ Lj 

® @ ^ ® " 

Figure 40. The electronic structure of branch¬ 
ing chains. 

30b. Ring strain. Another case for which the normal additivity 
of bond energies must fail, but for which the reason is somewhat more 
apparent, is that of the cycloparaflSns. It has long been known that 
cyclopropane and cyclobutane exhibit an instability compared with 
the n-parafBns, and Baeyer proposed his strain theory to account for 
it. He suggested that the instability increased as the carbon bond 
angles were forced to depart from the tetrahedral angle (109^ 28') in 
order to form the ring. Thus in cyclopropane, in which the three 
carbon atoms are coplanar, the angle between C—C bonds is 60®. 
The total distortion for a pair of bonds is then 109® 28' — 60® = 
49® 28', and each carbon bond must be strained by half that amount, 
or 24® 44'. On constructing models, it may be seen that the cyclo¬ 
butane and cyclopentane rings having the least departure from the 
tetrahedral angle for the C—C bonds are the coplanar ones. For 
cyclohexane and all higher-membered rings, on the other hand, 
strainless rings can be constructed in which the carbon atoms are 
not coplanar but are buckled or puckered, as shown in Figure 41 for 
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cyclohexane. Although the cis form cannot be transformed into the 
trans form by simple rotation about single bonds, the deformation 
of bonds required to make the transformation is small, so that the 
activation energy for the conversion is less than 5 kcals. and the two 
forms would be very rapidly interconverted, so that their isolation 
as independent isomers would be extremely difficult if not impossible. 



Methane Cyclopropane Cyclobutane Cyclopentane 



Figure 41. The configuration of cycloparaffins. 


Table 31 

HEAT OF COMBUSTION OF GASEOUS CYCLOPARAFFINS 


Angle of Strain for 

No. of C Atoms AH Comb. the Least Strained 

in the Ring kcals./CHg Structure 

2 . 170 +54° 44' 

3 . 168 +24° 44' 

4 . 162‘ +9° 44' 

5 . 159 +0°44' 

6 . 158 0 

7 . 158 0 

8, 15, 17 . 157-158 0 

n-paraffins. 157 0 


* Calculated from cyolobutane derivatives. 

This ring strain makes itself apparent in physical properties such as 
absorption spectra, parachor, molar refraction, heat of combustion, 
etc., as well as in chemical instability. Probably the most readily in¬ 
terpreted physical property, and the one with which we are concerned 
here in the assignment of bond energies, is the heat of combustion. 
Since straining the ring involves an increase in the heat content, the 
heat of combustion per methylene group should increase as the strain 











280 


ENERGY RELATIONSHIPS (CONTINUED) [Ch. VII, §30c) 


increases. This is actually observed (Table 31) insofar as the data 
go. There is no direct measurement of the heat of combustion of 
cyclobutane, and the value given in the table is a mean of several 
values derived from cyclobutane derivatives. Although the position 
of cyclobutane is still uncertain, it is evident that the three- and 
four-membered rings are certainly unstable, whereas all of the higher 
ones show very little strain. 

From the foregoing discussion it is evident that the selection of 
certain fixed values for the bond energies of carbon bonds, even in 
compounds for which only one valence formula can be written, cannot 
be made to within a few kcals., and that the conclusions with respect 
to valence-bond resonance energies which follow are uncertain to th(‘ 
same extent. 

30c. Resonance energies. If, now, the attempt is made to use the 
values given in Table 28 for the calculation of the he^ats of formation 
of compounds for which more than one covalent-bond structure may 
be written, i.e. compounds having more than one valence-bond 
formula contributing to resonance, it is found that they are always 
more stable than the calculation would lead one to believe. For 
example, the heat of formation of gaseous benzene from its atoms 
should be 3(C=C) + 3(C—C) + 6(C—H) = 999.6 kcals. Ex¬ 
perimentally this value is about 1037 kcals. The difference, about 
37 kcals., called the resonance energy, is the degree to which benzene 
has been stabilized by the various contributing resonance structures, 
of which the two Kekule structures arc the most important. Another 
estimate of the resonance energy of benzene, and probably a much 
better one, may be obtained from the difference between the heat 
of hydrogenation of benzene to cyclohexane and three times the heat 
of hydrogenation of cyclohexene (3 X 28.59). This gives the value 
36.0 kcals. 

It will be recalled that the theoretical calculation for the resonance 
energy of benzene carried out in Chapter IV gave the value 1.105 q, 
where a was an exchange integral that could not be directly evaluated. 
Using the empirically determined resonance energy of benzene as 
36 kcals., OL becomes about 33 kcals. Approximate calculations 
similar to that for benzene have been carried out for a number of 
other molecules.® For naphthalene the result is 2.04 a. Using the 
value of a obtained from benzene, the calculated resonance energy of 


^ Hiickel, E., Grundzuge der Theorie unges&ttigter und aromatischer Ver- 
bindungen, Z, Elektrochem., 43 , 752, 827 (1937); Pauling, L., and Wheland, 
G. W., J. Chem. Phys., 1, 362 (1933); 2 , 482 (1934); Sherman, J., J. Chem. Phys.y 
2 , 488 (1934); Penney, W. G., Proc. Roy. Soc., 146 , 223 (1934). 
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naphthalene is 67 kcals., as compared with the value 75 kcals. ob¬ 
tained from the bond energy table and the heat of combustion. 
Similarly, anthracene gives 3.09 a or 101 kcals., compared with the 
empirical value of 105, and phenanthrene is 3.15 a or 104 kcals. as 
compared with the empirical value of 110 from heat of combustion. 
The calculation for these aromatics is thus fair, but when it is tried 
on butadiene the discrepancy is very great. The heat of hydrogena¬ 
tion of butadiene to butane is 57.07 kcals.; that of butene-1 to butane 
is 30.3 kcals. If there were no interaction between the two double 
bonds in butadiene, its heat of hydrogenation should be twice that 
of biitene-1, since both double bonds in the diene are of the same 
type as that in butene. The difference, 3.6 kcals., represents the 
resonance energy of butadiene. The calculation for butadiene gives 
0.23 a, or 7.5 kcals.^ This is not surprising in view of the approxima¬ 
tions involved, and the value of a is probably quite different for 
unsaturated aliphatic compounds. 

In spite of the uncertainties involved in the assignment of bond 
energies, and the relatively large errors which must obtain in the 
small difference between two large quantities (heats of combustion), 
it is very instructive to examine the empirical resonance energies 
which are so calculated. In Table 32 {A and B) are given some of 
the values calculated by Pauling and Sherman, together with the 
structure for which the energy of formation from the atoms is calcu¬ 
lated, and some of the more imi:)ortant resonance forms to whose 
contribution to the state of the molecule the resonance energy can be 
attributed. 


31. TAUTOMERISM 

Another phenomenon in which qualitative, if not quantitative, 
correlation of equilibrium and constitution has become possible is 
that of tautomerism. Our primary concern here will be the relative 
stability of the isomers made possible by the shifting of a hydrogen 
atom and a rearrangement of the double bonds of the system, of 
which the well-known case of acetoacetic ester is an example: 


O 

HaO—i—CHs—C 


O 


/- 


\ 


OCaHa 


Keto form 


H 

O O 

I ^ 

H,C—C=CH—C 

^OCjHa 

Enol form 


* Pauling, L., and Sherman, J., J. Ckem. Phys., 1, 679 (1933). 
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Table 32-A 

PRINCIPAL RESONANCE FORMS AND RESONANCE ENERGIES OF SOME 
COMMON SUBSTANCES 


Benzene. 


Principal Resonance Forma* 


/ \/ 


Resonance 

Energy 

(kc^.) 


/\/\ /\/\ 


Naphthalene.. .| | | | | | | | 

\/\/ \/\/ \/\/ 

/\/\/\ /\/\/\ 
Anthracene ■ • •[ f I | || | I j | ! I Mil 

\AA/ \/\A/ \/'\A./ \/\A/ 


Phenanthrene .. | 


/C~X /XMx /v~)\ X,. X XXX 


,/ \/ \/ \/ \/ \/ \/ V 


Pyridine 


Quinoline 


Pyriole 


/\/\ /\/\ /\/' 


W W 


■QiJ 




b (/ b^ V* 


Thiophene 




The first form is the structure to which the resonance energy is referred. 
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Res. 

Substance 


Principal Resonance Forms 

Enerftj' 


O 

0- 




/ 

/ 



Acids. 

H C 

R~C 


28 


\ 

V 




OH 

OH 




0 

0- 





/ 



Esters. 

.M-C 

R~C 


24 


\ 





OR 

OR 




O 

Or 




/ 

/ 



Amides. 

. .R C 

R C 


21 


\ 





NH 2 

NH* 




H 2 N 

H 2 N 

HjN 



\ 

% 

\ 


Urea. 

c=-o 

c- 0 - 

0 

1 

9 

37 


/ 

/ 




H 2 N 

H 2 N 

H 2 N+ 



RO 

+ 

RO 

RO 



\ 

\ 

\ 


Dialkyl carbonates 

c=o 

C-0- 

O-Or 

42 


/ 

/ 




RO 

RO 

RO^ 



+ 

- - + 



Carbon monoxide... 

..c==o c 

-^0 c^o 


58 



+ ~ 

+ 


Carbon dioxide. 

. .o®=c==o 

0—c-0 

0-C^ 

33 



+ - - 

+ 


Carbonyl sulfide.... 


O^c-S 0 

-c^ 

20 



+ - - 

+ 


Carbon disulfide_ 

. .s*=c=s 

s^c-s s- 


11 



+ 



Alkyl isocyanate.... 

.. jf?_N=»C=0 i2-NsC-< 

0 /J-N-CsO 

7 












The resonance energies for the following structures are those in excess of what results from the benzene 
resonance within the ring, and, in the case of benzoic acid, of what is in the carboxyl group itself (as in alkyl 
carboxylic acids). 
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There are cases of other types of tautomerism, such as the ring- 
chain tautomerism in aldehyde and ketone alcohols (especially the 
sugars), 


H—C=0 

I 

(H—C—OH)„ 

1 

H—C—OH 
H—d)—OH 

I 

H 


OH 

I 

H—C— 


(H—C -OH)„ O; 

I 

H—C- 

I 

H—C)—OH 

i 

H 


or tautomerism involving the displacement of atoms or groups other 
than hydrogen, as in phthaloyl chloride: 




Cl 

i 

[—c=o 
-C—Cl 

II 

o 




Cl 

I 

-(:;:^C1 

.0 . 




I—C’ 




But in general, very little has been done on these equilibria in the 
way of determining the effects of substituents or changes in structure 
on the position of the equilibrium. Furthermore, it seems that many 
of these cases could be more aptly classified under a more general 
grouping of molecular rearrangements. 

It should be mentioned at the outset that in an equilibrium in 
which both tautomers are present in measurable quantities—e.g., 
as in ethyl acetoacetate—the difference in energy between them 
must be very small. Thus if, for the keto ^ enol equilibrium at 
room temperature, there is present 1 per cent enol, 

AF = -RT In iC = -RT In = -1.38 log 

[keto] [keto] 

= —1.38 log 1/99 == 2.76 kcals./mole. 

If on the other hand there is 99 per cent enol, 

AF = —1.38 log 99 == —2.76 kcals./mole. 

A difference, therefore, of only 5.52 kcals./mole in the free energy 
(or in the heat content, since the entropies of the two tautomers 
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(cannot be very different) will shift the equilibrium from what is 
directly experimentally measurable as all keto to all enol. This does 
not mean, however, that a compound whose keto form, let us say, 
is something more than 5 or 6 kcals. more stable than its enol form 
will not show reactions characteristic of, or which may be attributed 
to, its enol form, for it may happen, as in the bromination of acetone, 
that the keto form is very unreactive in comparison with the enol 
form, and that the reaction goes by way of the very minute amount 
of enol form which is present. Or, in other cases, derivatives of the 
enol form may be obtained although no directly measurable amount 
of enol may be present. 

The relative energy of the two tautomers can be divided into at 
least three well-recognizable categories: (1) the bond energies, (2) 
the resonance energies (and inductive effects), and (3) the electro¬ 
static energies. Of these the one concerning which we have the best 
information is the first, the bond energies; and these are not known 
any better than to within one or two kcals. even insofar as their rela¬ 
tive values only are concerned. The resonance energies are known 
with an even smaller degree of certainty and the coulombic interac¬ 
tions of the various distributions ot charge or dipoles are not known 
at all. This last, however, is probably smaller than the first two, and 
the difference between a pair of tautomers in this part of the energy is 
probably still less. The resonance energies, on the other hand, may be 
very different in the two tautomers; in fact, in many cases these are 
the determining factors. So it is evident that any calculation of the 
actual position of an equilibrium within the measurable range of 5 
kcals. is almost hopeless. It is possible, however, by use of the bond 
and resonance energies given in the previous section, to state in a 
general way which form will tend to be the more stable. Further, 
by keeping in mind the characteristics of groups and configurations 
especially with respect to their quantitative tendencies to take part 
in resonance systems, it is possible to understand the variations of 
equilibrium within a given series of compounds of one type. 

The keto-enol tautomerism represented by 

H 

_i_C==0 —C==C—OH 

may be generalized into a three-atom tautomerism, 

H 

X^Y—Z—H, 
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in which the atoms X, F, and Z are such as can exist in the required 
valence states. For the three atoms C, N, and O, there are ten 
such tautomeric systems, excluding those in which oxygen is the 
central atom for reasons of valence and those in which both terminal 
atoms are oxygen, since these tautomers cannot be made distinguish¬ 
able: 



01 

\ 

/ 

/' 


carboxylic acids - ~C 

H and nitrous acid N 

\ ^ 

\ 

/ 

\ oj 

oj 

/ 


In Table 33 are given the values of A// foj the tautomeric change cal¬ 
culated from the differences in bond energies only. It is gratifying to 
find that these values correspond with the generally accepted opinions 
that, in simple cases, (1) the ketones and aldehydes are stable with 
respect to the vinyl alcohols, (2) the amides are stable with respect 
to the imidols, (3) the aldimines are stable with respect to the 
vinylamines, (4) the oximes are stable with respect to nitroso com¬ 
pounds, (5) diazohydroxy compounds are stable with respect to 
nitrosamines, (6) hydrazones are stable with respect to azo com¬ 
pounds. Opinions 1, 4, and 6 are correct beyond any reasonable 
doubt. The reactions 

HR R 

I / / 

R—C=c RCHz-C , 

\ \ 

OH O 

iiCHj—NO iECH=NOH, 

and 

ECHs—N=Nje -»• /£CH=N—NHfi 

are practically complete unless the R groups introduce extraneous 
resonance. Even the simple reactions are not free of resonance, 
which may act in the same direction as, or in an opposite direction 
from, the bond energy. In the keto-enol case; there is a resonance 
in the enol which would diminish the AH given in Table 33: 

_C=C—OH, —C-C=OH. 

II II 

We may form an estimate of the amount of the resonance energy 
from the heat of hydrogenation of 2-ethoxypropene, which is 25.1 
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kcals. Since the heat of hydrogenation of a corresponding hydro¬ 
carbon, isobutene, is 28.3 kcals., the resonance 

CsHsO— c==ch2, C 2 H 50 =c—ch* 

CJH, 

contributes an energy of about 3.2 kcals. The resonance energy of 
phenol is about 7 kcals., so that the resonance energy of a vinyl 
alcohol would be expected to be somewhere between 3.2 and 7 kcals. 
It is apparent that this value is still far too small to have much of 

Table 33 

AH FOR THE REACTION OF THE THREE-ATOM TAUTOMERISM 
H H 

I I 

X — Y~Z —» X~Y —Z, Involving C, N, and O, Calculated from the Assigned 

Bond Energies* 


X y Z AH (k cala./mole) 


C C O (aldehydes). -fl5 

C C O (ketones) . -hl8 

N C O -flO 

C C N 4-8 

C C C 0 

N C N. 0 

C N O -12 

N N O -8 

C N C 0 

C N N -9 

N N N. 0 


* The values for N—O and N=0 used in this calculation are 57 and 113 kcals., respectively. These 
were obtained from the heats of combustion of ethyl nitrate, dimethylnitrosamine, acetoxime, and 
nitrosobenzene by making them consistent within themselves and with suitable resonance energies. 

+ 

The value 57 kcals. for N—O includes the energy of the resonance —OH, A-—N—OH), 

so this type of resonance cannot be introduced as a factor favoring the —OH tautomer, when 

57 kcals. is used for the N—O bond energy. 


an effect on the prediction made on the basis of bond energies alone. 
However, when other resonance (or inductive) effects are introduced 
by changes in structure, the relationships may be greatly altered, 
even to the extent of being reversed. 

31a. Keto-enol equilibria. The C—C—O system has been very 
extensively investigated. It is the tautomeric equilibrium about 
which most information is available. These investigations were 
made possible by the discovery of a chemical method of analysis of 
keto-enol mixtures by K, Meyer. It depends upon the fact that 
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the enol form, containing an ethylenic double bond, reacts immedi¬ 
ately with bromine, whereas the keto form does not: 

H 

O 

H,C—C>==CH—CO 2 C 2 HB -1- Br2 

0 

H,C—C-CH—COiCiHs + HBr. 

I 

Br 


The excess bromine is removed by the immediately successive addi¬ 
tion of a phenol. Finally the iodine liberated from a solution of 
iodide ion (KI) by the ethyl a-bromoacetoacetate is titrated; 

O 

II 

H,C—C—CH—CO2C2HB + 21 - + H+ -> 

I 

Br 

O 

II 

HsC—C—CH2—CO2C2H6 -I- Br- -b I2. 


Other methods, mainly physical, such as the refractive index or the 
absorption spectrum, have been used, but in general it is not very 
easy to obtain an unequivocal quantitative estimate of the amounts 
of the two tautomers present by these methods. They are, however, 
very useful in establishing qualitative relationships, especially in 
other tautomeric systems for which no other very suitable method of 
analysis exists. 

As we have already seen, the simple aldehydes and ketones are 
well over on the keto side. A relatively simple case in which the 
equilibrium is practically completely on the enol side is that of 
phenol: 


H H H 



Keto (ortho) 


H H 


H H 


H- 


1 

1 

H 

c 

3- 

-OH ?=± 

r 


h' 

H 

H 



Enol 



1 



H 

Keto (para)* 


’ The para-keto form is included here, since the bond energy differences are 
the same as for the ortho-keto form, and the resonance energies not very 
different. These results are thus comparable to those on anthranol, of which 
the para-keto form has been isolated. 
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This is readily understood, since the large resonance energy of the 
benzene ring will stabilize the enol. A quantitative estimate can be 
made by adding, to the A// from bond energies, +18 kcals., a value 
corresponding to the change in the resonance energies. For the keto 
form, a maximum value for the resonance in the conjugated system 
C=C—C=C—C=0 is estimated at about 10 kcals.® For the enol 
form, the total resonance energy is 44 kcals. (37 for the benzene ring 
and 7 for the interaction of the OH with the ring). The net change 
in resonance energy for the keto-enol change is thus about —34 kcals., 
which gives +18 — 34==—16 kcals. as A/7 for the reaction Cyclo- 
hexadienone —> Phenol, indicating an equilibrium far over on the 
enol side. On the other hand, a similar calculation for anthranol-9 
(9-bydroxyanthracene), 


O 




H2 

Anthrone 


H 

0 





Anthranol 


gives a value for AH of about —5 kcals. This is within the range 
in which the other effects may bring about an appreciable quantity 
of both forms in the equilibrium mixture, either as solids or in solu¬ 
tion. For instance, the —5 kcals. are calculated from Pauling^s 
resonance values of anthracene without correction for the lack of 
hydrogens on four carbon atoms. These carbons are not changed 
in the tautomerism, and so the error in the resonance energy alone 
may more than account for the —5 kcals. Actually both forms 
have been isolated as crystalline solids; anthrone melting at 150-155®, 
anthranol at 120®. The fact that the melting point of the an¬ 
throne is higher than that of the anthranol indicates that its crystal 
lattice energy is greater than that of the anthranol, and it is not 
surprising that the solid anthranol is very easily converted into solid 
anthrone. 

When three hydroxy groups are symmetrically placed on the ben¬ 
zene ring to form phloroglucinol, the compound shows the reactions 


® This value is considerably greater than the sum of the resonance energies 
of 0=0—0-=C, 3.6 kcals., from the heat of hydrogenation of butadiene, and 
of C*«C—0*0, 2.4 kcals., from the heat of hydrogenation of crotonaldehyde. 
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of both forms quite readily, the enolizalion energy of three keto 
groups just about balancing the resonance energy of one benzene ring: 


o= 


O 

A 


H 

O 


iHs 

!=() 


H2 


OH 


In this case A// (including the resonance energies) is about — 4 kcals. 
and is thus within the range of the accuracy of the estimated energy 
values and the influence of the other effects. 

Another case in which the resonance (and other) effects in the enol 
form just about balance the extra stability of the keto form (due to 
bond energies) is that of the ^-diketones and /3-ketonic esters. For 
this reason it is here also that the effect of substituents and solvent 
has been most thoroughly investigated. Unfortunately, for these 
systems the quantitative estimates of resonance energies (and other 
effects) are too crude to be of much use. The observed trends, how¬ 
ever, arc found to conform very well with expectations based upon 
the tenets we have just outlined. 

The equilibrium for acetylacetone, 

O O O—H O 

II 11 I II 

H 3 C-C—CH 2 —C-CH 3 H 3 C—C=CH— C-CH*, 

has been measured in the vapor phase and found to be 92 per cent 
enol, which corresponds to A^ = —1.5 kcals. (assuming no entropy 
difference). This would require that the extra stability of this enol 
be about 19.5 kcals. This is not unreasonable when one considers 
the high degree of symmetry of this form. From other sources a 
very crude estimate of this effect may be made by adding the several 
partial effects; 8 kcals. for the hydrogen bond, 7 kcals. for the vinyl 
alcohol (phenolic), and 3 kcals. for the C=C—C=0 system, making 
a total of about 18 kcals. Actually the resonance of the system of 
“complementary resonators^^ HO—C==C—C==0 must be greater 
than the simple sum of the two independent resonances 

4 * 

(HO—0=0, H0-=€— O) and (C==C—C=0, 0-0=M>-0~), 

just as the dipole moment of p-nitraniline is greater than the sum of 
the moments of aniline and nitrobenzene. 
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If one of the methyl groups of acetylacetone is replaced by a me- 
thoxyl group to give methyl acetoacetate, the vapor-phase equilibrium 

O O O—H O 

II II I II 

HaC- C-CHa—C—OCHa ^ HsC—C==CH—C—OCH 3 

is found to be 54 per cent enol. Here, in addition to having destroyed 
the identity of the two carbonyl groups and thus reducing any reso¬ 
nance energies involving an interchange between them, one of them 
now partakes of the very strong ester resonance 

O o- 

R—C , K—C 

\ \ + 

OK OR 

and in so doing is prevented from full participation in the other reso¬ 
nances of the enol. Since this ester resonance is present in both keto 
and enol forms, the stability of the enol is reduced, with the result 
already mentioned. It is the latter effect which is the more impor¬ 
tant one, since even when symmetry is again restored as in the 
malonic esters 

0 O 

II II 

7?0—C—CHj—C—Off, 

there is no appreciable amount of enol. Here both carbonyls are 
occupied by the ester resonance. 

Another case in which the symmetry effect is outweighed by a 
further resonance contribution is that of methyl benzoylacetate, for 
which the equilibrium 

O—H O 

\ I II 

>—C==C—C—OCHa 

/ I 

H 

in hexane® is found to be 69 per cent enol. This is somewhat greater 
than the value 54 per cent for methyl acetoacetate and is to be at- 


® This is in all probability very close to the value in the vapor phase. See 
Table 34. 
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tributed to the greater contribution to the resonance energy of the 
enol of the forms 

O—H O—H 



than the contribution to the keto resonance of the form 


o- 



Compare the value 7 kcals. for the excess resonance energy of styrene 
with 4 kcals. for benzaldehyde (see Table 32-B). If the phenyl 
group is substituted for a methyl group of acetylacetone to give 
benzoylacetone, the equilibrium is displaced toward the enol so that 
even the pure liquid substance is 98 99 per cent enol as compared 
with 80 per cent enol for pure liquid acetylacetone. 

In recent years a large number of fi-keto esters and some /3-dike- 
tones have been investigated in an attempt to discover some of the 
smaller effects of the substituents, especially alkyl groups on the 
keto-enol equilibrium. In Table 34 are given the values for the 
equilibrium constant 

„ ^ [enol] 

[keto] 

for a series of compounds of the type 

OHO 

II I II 

A—CHj—C—C—C—Z, 

I 

B 

measured in hexane solution together with some values in the vapor 
phase. 

Strictly speaking, any comparisons with the theory above outlined 
should be made only with the vapor-phase equilibrium, but, as may 
be seen from the table, the equilibrium in hexane is not very different 
from that in the vapor for those cases in which both have been 
measured. In most other solvents, however, the differences are quite 
appreciable and the solvent effect in general will be considered in 
the next section. The last column of the table, headed K (corr. 
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hexane), is an equilibrium constant corrected for the fact that when 
a substituent other than H is introduced into the position B of the 

Table 34 

KETO-ENOL EQUILIBRIA IN 1,3 DIKETONES OF THE STRUCTURE 

OHO 

II I II 

.4 -CHr C—C—C—X 

I 

B 


AT 25°C, AS DETERMINED BY BROMINE TITRATION 


A 

B 

X 

KigsLS phase) 

IT „ 

[keto] 

iiC( hexane) 
(0.1 M) 

fC(corr.® 

hexane) 

*TI 

H 

OCHa 

1.2 



H 

H 

OCalla 

0.86 

0.96 

0.96 

H 

CHa 

OC 2 Ha 

0.16 

0.13 

0.26 

H 

CsHs 

OC2H5 

0.11 

0.17 

0.34 

H 

n-CaHr 

OC 2 Ha 

0.17 

0.18 

0.36 

H 

iso-CjH; 

OC 2 Ha 

0 . 06.5 

0.062 

0.124 

TI 

ri-C4Hfl 

OCalla 

0.15 

0.11 

0.22 

H 

sec-C 4 H 9 

OCalla 

0.090 

0.103 

0.21 

H 

C,H 5 

0 C 2 na 

4.0 

2.0 

4.0 

H 1 

CH2CJI6 

OGVIa 

0.14 

0.14 

0.28 

11 

n 

CHa 

11.5 

11.0 

11.0 

H 

C,Ha 

CH, 

5.50 

3.62 

7.24 

H 

CH2C6H5 

CHa 

2.33 

2.0 

4.0 

"H 

H 

OCH, 


1.27 

1.27 

H 


OC2H5 


0.88 

0.88 

H 

H ! 

n-OCaHy 


1.20 

1.20 

H 

H 

iso-OCaHy 


1.18 

1.18 

H 

H 

n<OC 4 H 9 


1.23 

1.23 


H 

iso-OCiHy 


1.41 

1.41 

H 

H 

sec-OC4H9 


1.28 

1.28 

H 

n-C 4 H 9 

OC2H5 


0.081 

0.162 

H 

CHaCeHa 

OCaHa 


0.079 

0.158 

CHa 

CH, 

OCaHa 


0.11 

0.22 

CaHa 

CaHa 

OCaHa 


0.085 

0.17 

n-CsHz 

w-CaHr 

OCaHa 


0.064 

0.128 

iso-CaHr 

iso-CaHy 

OCaHa 


0.025 

0.05 


tcrt-C ^9 

OCaHa 


0.020 

0.04 

n-CaHn 

n-CaHn 

OCaHa 


0.047 

0.094 

n-C 7 Hi 6 

n-CyHia 

OCaHa 


0.051 

0.102 

72.-C12H25 

Tt-CiaHas 

OCaHa 


0.030 

0.06 


* Conant, J. B., and Thompson, A. F., Jr., J, Am. Chem. Soe., 54, 4039 (1932). 
^ Ness, A. B., and McElvain, S. M., J. Am. Chem. Soc., 60,2213 (1938). 

® See the following paragraph for explanation. 


type formula, the number of enolizable hydrogens is reduced to half, 
and thus the measured equilibrium constant would be reduced by a 
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probability factor of ^ independently of any energy changes that 
might also appear. In order to compare the K values for such 
compounds {B not a hydrogen atom) with the others, the measured 
K values have been multiplied by 2 and are given in the last column. 

In addition to the rather large effects of changing the group in 
the X position whi(;h we have already discussed, there is apparent 
a smaller but nonetheless real effect of substituting an R group for 
H in both the B and the A positions, the effect being considerably 
larger in the B than in the A position. In every case but one, such 
a substitution decreases the equilibrium constant; i.e., increases the 
stability of the keto relative to the enol form. The one case for 
which the reverse is true, ethyl a:-phenyla(*otoacetate, is very readily 
understood, since here in the enol form the phenyl group is conjugated 
with a vinyl alcohol grouping and the enol is stabilized by the extra 
resonance forms 

O—H O—H ()—H O—H 

I U II I- 

—c:=c— --C—c -c-c -c-c~ 



The general effect of the substitution of a hydrogen atom by an 
R group has been repeatedly observed in other cases, and an examina¬ 
tion of Table 30 leaves it altogether possible that such a substitution 
might be more effective in stabilizing adjacent single bonds slightly 
more than adjacent double bonds. There is also undoubtedly a 
purely steric effect concerned here as well, but a detailed analysis is 
not yet possible. 

31b. Solvent effect. From Table 34 it may be seen that the keto- 
enol equilibrium is much the same in hexane solution as it is in the 
vapor phase, but in general the solvent has a very marked effect on 
the position of the equilibrium. In Table 35 are given the values of 
the equilibrium constants for three different substances in a variety 
of solvents. In general, the effect of each solvent is about the same 
on each of the three substances in the table and on a number of others 
of the same type (/?-diketones). These results can be understood 
when we consider how the solvent may influence the several condi¬ 
tions which permit the enol to exist at all in these compounds. One 
of the large sources of energy for stabilizing the enol is the energy of 
the hydrogen chelation or internal hydrogen bonding of these /?-dike- 
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tonic compounds. Any solvent which is capable of preventiiis this 
chelation would reduce the enol stability. Hydroxylic solvents w Inch 
can satisfy the requirements of C=0 as a base without the necessity 
of internal chelation are just the ones which reduce the enolization 
to the greatest extent. The hydrogen of chloroform is also suffi¬ 
ciently acid to fulfill this function. Another way in which the solvent 
might affect the equilibrium is through its stabilizing effect, as a 
polarizable dielectric or as an aggregate of highly polar molecules, 
on the more polar of the two forms, whi(ih is almost certainly the 
ketonic form. The dipole moment of ketones is about 2.7 while that 
of alcohols is about 1.7, in addition to the fact that the enol is 
chelated into a fairly symmetrical ring structure. It is to this 

Table 35 

KQiriLIHRIUM c;ONSTANT K = IN VARIOUS SOLVKNTS* 

[ketoj 


Solvent 

Ethyl 

Acetoacetate 

Methyl 

Bonzoylacetate 

Acetyl- 

acetone 

Water. . ... 

. 0.004 

0.008 

0,24 

Formic acid 

. . .011 

.028 

0.9 

Acetic acid... ... 

. 061 

.16 

2.8 

Methyl alcohol. 

.074 

.16 

2.6 

Pure liquid mixture. 

.079 

.20 

3.2 

Chloroform 

.089 

.19 

3.8 

Ethyl alcohol.. ... 

. 15 

.35 

5.3 

Benzene ... 

.22 

.45 

5.7 

Hexane . 

.9 

2.2 

12.0 

Vapor. 

. . . .9 


11.5 


• Meyer, K. H., Ber., 45, 2843 (1912); 47, 826, and with Wilson, F. G., 832, 837 (1914). 


source that the ketonizing effect of such solvents as nitrobenzene 
(10 per cent enol of ethyl acetoacetate), benzene, or ether (27 per 
cent enol of ethyl acetoacetate) may be attributed. 

31c. Other tautomeric systems. Although the data for systems 
other than keto-enol are far less complete and unequivocal, the results 
of Table 33 are confirmed, and the same principles of resonance and 
induction which were used in the interpretation of the keto-enol 
equilibria account quite satisfactorily for those cases which do not 
agree with Table 33. For example, the aldimine-enamine equilib¬ 
rium is in general on the side of the aldimine: 

H H 

i H HI 

C 2 H 5 — C--C=N—CH/22 CaHs- C=-<) -N— 

in* ciL 

Aldimine Enamine 
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If the CaHs group is replaced by phenyl, the equilibrium is shifted 
toward the enamine, since in that case the amine is conjugated with 
the phenyl through the carbon-carbon double bond. Similarly in 
the case analagous to acctoacetic ester 

HsC—C-CHj—COjft H3C-C=CH—COjft 

Ih NHa 

/S-Iminobutyric ester /3-Amiuocrot-onic eater 

the equilibrium is on the side of the /S-aminocrotonie caster (enamine). 

As an example of a tautomerism involving no (diange in bond 
energy as given in Table 33, we may take the three-carbon 
tautomerism: 


H H 

I I 

c—C=c—X C=C- C-A'. 

(t) (/3) (a) (t) (0) (or) 

In Table 36 are given some of the equilibrium values in terms of 
the percentage of the a,0 compound. They are not strictly compa- 


Table 36 

TAU'rOMERIC EQUILIBRIA IN THREE-CARBON SYSTEMS 
(Per Cent a,fi Compound) 


\X 

R\ 

-C 02 H 

-CN 

■ -00102116 

C-C C-C=C—X 

74 

86 

ca. 92 

c- C -C=c—X 

1 

81 



1 

c 




C-C—C-=C—X 

1 

38 

ca. 99 

75 

1 

c 

1 



C—C-C—C-X 

1 

c 

22 

1 21 

ca. 10 


From the compilation of Linstead, R. P., Vol. 1, page 819, QUmana Organic Chemiatry. John 
Wiley & Sons, New York, 1938. 


rable, since the acids were equilibrated in aqueous solution while the 
cyanides and esters were done in alcoholic solution. Furthermore, 




/\ /\ 
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ds-trans isomerism is not taken into account. In general, however, 
the a,/3 compound is the more stable because of the possibility of 
the resonance with the multiple-bond containing group. 


/ c—c=c—c=o, 

6 

1 

0 

II 

0 

1 

+Q 

1 

0 

( 7 ) (/3) (a) 1 

1 1 

\ OH 

OH / 


which is not possible for the ^,7 compound. The ester functions 
better in the resonance than does tlie acid (as we have already seen 
in the keto-cnol case), with the cyanide probably between them. 
When the 7 -carbon atom is tertiary, there again appears the extra 
stabilization of the double bond involving it, and the jd ,7 isomer is 
even more stable than its conjugated isomer in which the double 
bond is between secondary carbon atoms. Purely steric effects and 
the cis-trans equilibrium also undoubtedly play some part in the 
determination of these effects of carbon substitution. 

It is not necessary that the three atoms involved in the tauto- 
merism of a hydrogen atom be directly attached to each other. 
They may be separated by a conjugated system involving the same 
or different atoms. We have already seen one case of this kind in 
the anthranol-anthrone equilibrium. Another interesting example 
is that of the hydroxyazo compounds of the type of p-benzeneazo- 
phenoh In the series 




Azo form 


-N=N- 


Hydrajsone form 

H 

•—OH i_N==<(^ )>=0 

Benzeneazophenol (I) 



Benzenoasoanthrol (III) 
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the bond energy difference is the same for all three and is about 22 
kcals. in favor of the hydrazone form. The various polar form con¬ 
tributions to the resonance energy of both the azo and hydrazone 
forms are probably much the same for all three compounds, and in 
any case are considerably smaller than the contribution of the strictly 
equivalent non-polar Kekule forms. It is, therefore, to be expected 
that the change in the contribution of these equivalent homopolar 
forms will be the controlling factor in tlie relative position of the 
equilibrium in this series of three compounds. These (dianges occur 
only in one of the two aromatic groups, that which changes from a 
phenolic to a quinoidal structure. The discussion that follows refers 
to this aromatic group alone. In the hrst case (I) essentially one 
benzene resonance is lost in going from azo to hydrazone. This (37 
kcals.) is apparently quite sufficient 1o overbalance the bond energy 
stability of the hydrazone (22 kcals.), so that benzeneazophenol is 
essentially entirely in the azo form, as evidenced by both its physical 
and chemical properties. In the se(;oiid case (II) a naphthalene 
resonance is replaced by a benzene one, while in the third case (III) 
an anthracene resonance is replaced by two benzene resonances. A 
way of estimating the quantitative degree of the change is to take 
the ratio of the number of equivalent resonance structures in the azo 
form to the number in the hydrazone form, considering only that 
part of the molecule which changes. These ratios are: for benzene, 
2; for naphthalene, 1.5; and for anthracene, 1. In actual fact, the 
anthrol compound (III) is entirely in the hydrazone form, while the 
naphthol (II) has appreciable quantities of both forms present at 
equilibrium. The resonances of the condensed-ring systems will 
appear again in a more quantitative way when we consider the oxida¬ 
tion-reduction potentials of their quinones, where an experimental 
justification of using the ratio of the number of homopolar reso¬ 
nance forms to estimate the relative magnitudes of the resonance 
effects of condensed aromatic rings will be given. 

Since, in the case of the benzeneazo-a-naphthol, both forms are 
present in appreciable quantities at equilibrium, it is possible to ob¬ 
serve the effects of substituents on the position of the equilibrium. 
This has been done for a number of substitutions in the benzene part 
of the molecule of such groups as CHs, CHsO, NO 2 , halogen, CO 2 H, 
etc. In order to interpret the effects of these groups, we can set up 
the equilibria: 
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H+ + 



Ti Ka: 


d 


N=N~ 


-o- 





Ti A'Hy 


Two resonance structures of the 
identical ion obtained from both 
tautomeric forms 



Ilydrazone 


ill which JRTaz is the acid dissociation constant of the azo form and 
Kny is the acid dissociation constant of the hydrazone form into the 
same pair of ions. Then, since 


^ [ionllH -^] 
[Az] 


and 


_ [ion][H+] 


and since they must be satisfied simultaneously, 


[Az] i^Hy 


or 


log 


[Hy] 

[Az] 


= log - log K^y , 


Now all that is necessary is to interpret the effect of the groups on 
the acid strengths of the azo and hydrazone forms. But the effects 
of groups on acid strength have been very thoroughly discussed in 
Chapter VI. It was there shown that both the resonance and the 
inductive effects of a group on the strength of an aromatic acid 
could be expressed by 

log = log Ku + crpy 


where K is the strength of the acid with the substitution, i.e., with a 
group in a particular position, Ku is the strength of the unsubstituted 





302 


ENERGY RELATIONSHIPS (CONTINUED) [Ch. VII, §31c] 


or reference acid, or is the constant characteristic of the substitution, 
and p is the constant characteristic of the reference acid representing 
the effectiveness of groups in general on the strength of that acid. 
Thus the tautomeric equilibrium constant becomes: 



where the subscript a refers to a substituted compound and the sub¬ 
script u refers to the unsubstituted compound. The essential condi- 



A log Kcr 

from effect of group on acid strengths of Phenol and Anilinium ion 


Figure 42. Comparison of the effects of meta and para substituents on the 
strengths of phenols with their effects on the relative stability of the hydrazone 
and azo forms of benzene azo-a-naphthol. 

tion is the value of ~ p^). It has been found that the value 
of p is the larger the closer the dissociating acid group is to the seat 
of substitution (e.g., it is greater for phenols than for benzoic acids). 
It is most certainly true, then, that p^^ is greater than p^ for sub¬ 
stituents in the benzene ring. Thus, acid-strengthening groups 
(positive <T values) increase the stability of the hydrazone over that 
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of the azo form. Furthermore, if log ( ) is plotted against cr, 

\[Az]/(r 

something of a straight line should result whose slope is — p^. 
Figure 42 is such a plot. The a values are obtained from the acid 
strengths of phenols and anilinium ions, since for some para substit¬ 
uents the value of a depends somewhat on the reference acid and 
the substances under consideration belong to the phenol-anilinium 

type of acid. The value of is the ratio of the extinction coeffi- 

(eAz) 

cients (in alcohol) of absorption bands which are attributed to the 
hydrazoiie and azo forms, respectively.^® In obtaining these ratios, 
no attempt was made to correct for the overlapping of the two bands, 
which are not very widely separated (400-600 A apart). This cor¬ 
rection would make the small values smaller and the large values 
larger, so that the slope of the line as drawn has very little signifi¬ 
cance. Furthermore, no attempt was made to take into account the 
effect of the substituents on the intensity of the color. So the agree¬ 
ment is well within the limits of expectation. The two dotted circles 
correspond to the cr values for P-NO 2 and P-CO 2 H groups. The 
(eHy) . 

(eAz) 


values for these substitutions are known to be high, as shown in 


the figure, but their actual magnitudes could not be obtained, since 
there is not enough of the azo forms present for their bands to be 
distinguished. 


32. OXIDATION-REDUCTION POTENTIALS 

If an oxidizing agent and a reducing agent will react reversibly 
with each other to produce a new reducing agent and oxidizing agent, 
respectively, a noble-metal electrode immersed in such a system will 
come to a definite potential with respect to some standard electrode. 

—AF 

That potential is given by the relation E = > where AF is the 

free energy change for the reaction under the conditions of the 
experiment, n is the number of equivalents involved in the oxidation- 
reduction, and Fy is the Faraday constant. When the reactants and 
products are all at unit concentrations (or better, activities), the 
potential is called the normal potential, which is thus a measure 
of the standard free energy change, AF®, of the reaction. One such 
system which is very common in organic chemistry is the reduc- 


Shingu, H., Set, Papers Inst, Phys. Chem. Res. Tokyo, 36, 78 (1938). 
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tion of a quinone to hydroquinone by hydrogen at a platinum 
electrode: 



OH 



OH 


( 1 ) 


The potential for this type of reaction is given by 


E + 0.05912 log [Hi + 0.02956 log 


[quin one] 

[hydroquinone]’ 


so that the normal potential, is the potential when the hydrogen 
ion concentration (activity) is unity and the concentrations (activ¬ 
ities) of the quinone and hydroquinone are equal. These poten¬ 
tials are usually measured against the standard hydrogen electrode 
as zero. Each quinone has a characteristic oxidation-reduction 
potential which is a measure of its ‘^oxidizing power”; i.e., the 
more positive the potential, the stronger is the quinone as an oxidiz' 
ing agent. More specifically, since these potentials are measured 
against the hydrogen electrode, a positive potential indicates a 
quinone which is a stronger oxidizing agent than and a hydro¬ 
quinone which is a weaker reducing agent than H 2 ; a negative po¬ 
tential indicates a quinone which is a weaker oxidizing agent 
than H+ and a hydroquinone which is a stronger reducing agent 
than H 2 . All this is expressed by the relation 


for the reaction as written in equation I; i.e., the more positive is 
the potential, the greater is the drop in free energy in going from 
the quinone-hydrogen system to the hydroquinone. If we are to 
compare a series of quinones, the change in potential will represent 
the change in the relative stability of the quinone and hydroquinone 
in going from one compound to another, since the hydrogen remains 
the same for all of them. Further, it has been found that the tern- 
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perature coefficient of the normal potential is about the same for a 
large number of quinones and is equal to about 0.7 mv./deg. Since 

nFy nFy nFy 

(with nFy = 46 kcal. per volt), this temperature coefficient cor¬ 
responds to an entropy change of about —32 cals./deg. for the hy¬ 
drogenation of a quinone. Similar values have been found for the 
AS of a large number of other hydrogenations, and it corresponds 
roughly to the entropy of the mole of hydrogen which is lost in the 
reaction. Thus the change in potential in a series of quinones is a 
measure of the change in relative heat contents of the quinone and 
hydroquinone through the series. 

32a. Homopolar valence bond resonance. The change in bond 
energies in the reduction represented by equation I is tlie same for 
all quinones and amounts to about 5 kcals. (A^°' = + 6 kcals.) in 
favor of the quinone-hydrogen system. But for p-bonzoquinone, ex¬ 
perimentally, = — 42 kcals. (in alcohol solution at 25°C.), so that 
the benzene resonance which is gained on the hydroquinone side must 
be largely responsible for the observed oxidation potential of benzo- 
quinone. Since practically all other quinones have a positive oxida¬ 
tion potential, it is to be expected that similar resonance effects will 
be the controlling factor in the magnitude of the potential. Of course 
other types of resonance must also play a part, such as the ionic forms 
in the quinone, and the phenolic resonance in the hydroquinone, as well 
as inductive and steric effects; but, in general, these are much smaller 
in magnitude than the contribution of the entirely equivalent Kekule 
forms. Further, in a comparison such as we are about to make of 
p-benzoquinone, 1,4-naphthoquinone, and 1,4- and 9,10-anthra- 
quinone, the relative contributions of these secondary forms to 
quinone and hydroquinone can be expected to remain about the same 
throughout the series. We are thus left with the purely homopolar 
Kekule-like forms, as the controlling type of resonance in the series 
of quinones and the relative numbers of such equivalent forms may 
be used as a quantitative estimate of the relative energy of the oxi¬ 
dized and reduced forms. For example, in p-benzoquinone there is 
only one such form, while in hydroquinone there are the two Kekule 
forms. In 1,4-naphthoquinone there are two, while in the cor¬ 
responding hydroquinone there are three. For 1,4-anthraquinone 
the change is from three to four, while in 9,10-anthraquinone the 
number remains constant at four. Indeed in larger linear condensed 
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systems the quinone can have more of these forms than the hydro- 
quinone—six forms in 


H 

0 O 



If we give equal weight to all of the forms of the hydroquinone, 
one method of expressing the change in the relative energies of the 
quinone and hydroquinone in a series would be the ratio of the num¬ 
ber of forms of the quinone {uq) to the number of forms in the hy¬ 
droquinone (n/i). If, then, these be the controlling factors in the 
potential of the quinone-hydroquinone systems, a plot of these po¬ 
tentials as ordinate against the ratio as abscissa should be 

approximately a straight line. Such is indeed the case, as is shown in 
Figure 43, which contains the data for the substituted para quinones 
together with that for diphenoquinone, stilbenequinone, and amphi- 
naphthoquinone, A similar line is obtained for the ortho quinones, 
but displaced upward about 0,1 volt and parallel to the para quinone 
line. This would seem to indicate that there is some validity to the 
method of simply counting the number of forms, but there are a 
number of objections and refinements which should be considered. 
Although the simple ratio Uq/nh gives a limiting potential for the 
molecule of the type 



as X gets very large, since Uq remains one and Uh is equal to 2^® 

Tl 

thus making — go to zero, it has no limit for other types of mole- 
Ylh 

cules. Thus, id the molecule of the type 


O 
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where a and h may increase indefinitely, the ratio riq/nh approaches 
no limit. “ A function which is limited at both ends would be the 



Figure 43. The oxidation-reduction potentials of certain condensed-ring- 
system para quinones. 


For the linear condensed-ring systems, the number of purely homopolar 
adjacent bond resonance forms, Uh^ is simply equal to the number of vertical 
bonds when the system is written horizontally across the page; e.g., for 
anthracene, 



In order to obtain riq , the system is considered simply in terms of the two 
independent parts on either side of the quinoidal ring and the total number 
of forms, Uq , is the product of the numbers possible in each part. 

For the angular condensed-ring systems there is no simple rule for nh , but 
nq is still the product of the number of possible forms in each of the two parts 
of the molecule on either side of the quinoidal ring. 





308 


ENERGY RELATIONSHIPS (CONTINUED) [Ch. VII, §32a) 


one giving the percentage change in the number of forms in the reduc¬ 
tion process, This is limited by the values ±1, and a plot 

Uh + riq 

using this function as abscissa produces about the same difficulty of 
fitting a straight line as the simple ratio, if all the data used in Figure 
43 are included. If, however, the points for diphenociuinone, stilbene- 
quinone, and amphi-naphthoquinone are excluded, a considerably 
better line is obtained through the para quinones alone. This limita¬ 
tion is not unreasonable, since th(^ interactions of the quinone and 
hydroquinone oxygens must be quite different in the last three 
compounds from what they are in the para quinones. A closer exam¬ 
ination of the para quinone points of either the njuk plot or the 

plot reveals that the greatest deviations are those com- 

Uh + n.q 

pounds having angular arrangement of the rings, e.g. 



and that these deviations are in the direction corresponding to an 
instability of the hydroquinone. This seems to indicate a steric 
repulsion between the phenolic hydrogen and the hydrogens of the 
ortho substituent. A small amount of inductive effect may also be 
included, and from the effect of a methyl group on the potential of 
p-benzoquinone (about —55 mv.) we estimate the steric repulsion 
correction for the system 



to be about 25 mv.^ and for the system 
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to be about 50 mv. These corrections are to be added to the ob¬ 
served potentials of the corresponding compounds in order that they 
may be compared with each other and with p-benzoquinone. 

The ortho quin ones can be included in the same comparison if a 
correction for the ortho effect in both the quinone and the hydro- 
quinone is introduced. In the hydroquinone the source of this effect 
can readily be found in the hydrogen bond formation (see Chapter V) 
between ortho-hydroxyl groups: 



The magnitude of this effect may be anywhere between 3 and 6 
kcals., stabilizing the hydroquinone. The correction in the quinone 
is probably very small, since groups in the ortho and para positions 
have much the same resonance interaction, and in this case the differ¬ 
ence in the mutual inductive effects of the pair of carbonyl oxygens 
in the ortho and para positions must be relatively small. So we will 
include all of these perturbations in a single correction of about 4.5 
kcals. of extra stability of the o-hydroquinone. Thus, if we sub¬ 
tract 0.1 V., the difference between o- and p-benzoquinone, from the 
potential of each ortho quinone, it may be compared with the para 
quinones. 

These corrections have been applied (column 7, Table 37) to the 
quinones whose experimentally determined potentials are given in 
column 6 of Table 37. The results have been plotted in Figure 44 

with — as abscissa.^® The linear relationship is exceptionally good, 
2n 

IS An fih — nq and Xn ^ nn + nq . 
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especially for the para quinones, the only appreciable deviation from 
the straight line in this group being the most complex one meas¬ 
ured (VII). 

There is one other interesting observation in connection with this 
set of quinones which should be mentioned. It is possible, on the 
basis of bond energy calculations alone, together with a single reason¬ 
able assumption, to calculate the slope of the line of Figure 44. 
Using the bond energy values given in Table 28, we have seen that 



Figure 44. The adjusted oxidation-reduction poten¬ 
tials of certain quinones. The numbers correspond to 
the quinones as listed in Table 37. 

the change in bond energies alone in the hydrogenation of p-benzo- 
quinone to hydroquinone is about +5 kcals. This should be the 
for the reaction in the vapor phase when all resonance is neglected. 
Now, by far the most important resonance effect is the appearance 
of the benzene resonance in the hydroquinone. Taking this into 
account, we have the value +5 — 37 = —32 kcals. for the 6.H of 
the vapor phase reaction. In order to convert this into the value 
in solution, where the measurements are made, we must add to it the 
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Table 37 

OXIDATION-REDUCTION POTENTIALS OF QUINONES 

An jgo jjo 

No. in Fig u re 44 C ompou nd n* nq ^ (exp.) (^rr.) 


o 



o 


VI 


7 


6 


.077 .23 .36 
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Table S7—Continued 


No. in Figure 44 Compound 


VII 


VIII 


IX. 


X. 


XI. 


XII. 





o 

A/“ 


o 


.A\ 


A\/\/ 




o 


/V 

! I 

/\/V\o 


o 


o, 




0 


XIII. 


o 


nk Uq 


12 9 


2 1 


3 2 


5 4 


6 3 


6 3 


4 3 


An 

2n 


.143 


.333 


.20 


.111 


.25 


.25 


.143 


(Ch. VII, §32a] 


(exp.) (corr.) 


.27 .42 


.81 .71 


.68 .51 


.46 .41 


.66 .69 


.62 .57 


.49 .42 
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Table 37 — Continued 





differences in the heats of sublimation and in the heats of solution of 
the quinone and hydroquinone. Actually this is about 9 kcals. in 
favor of the hydroquinone, so that a calculated value for AH (sol.) 
is about 41 kcals., which is not bad agreement with the experimental 
value of 42 kcals. It should be remembered that in this calculation 
no account has been taken of the ionic resonance forms in either 
quinone or hydroquinone. If they contribute equally to both, they 
will cancel out; but let us suppose that they do not contribute 
equally and that their difference is a constant for all of the quinone- 
hydroquinone systems we have considered. Furthermore, since we 
do not know the heats of sublimation or solution of any quinones and 
hydroquinones other than the one already mentioned, let us assume 
that the difference between them for the other quinone-hydroquinone 
systems is a constant. Now, lumping these two constants—the 
difference in ionic contribution and the difference in heat of sublima¬ 
tion—together, and setting the AH for the reaction proportional to 
Ati An 

— , we have Aiy = A + B . Inserting numerical values obtained 
Sn Xn 
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from the calculation on p-benzoquinone, this becomes — 32 = ^ + 
Another such relation is necessary in order to determine -B, 
the slope of the line. In order to get this, we can use a hypothetical 
compound containing a large number of linearly condensed benzene 
rings; 



Since in the quinone the resonance in the systems a and b are inde¬ 
pendent, the total number of forms is tlu^ product of the number in a 
and the number in b. The total number of forms would be greatly 
reduced by any kind of coupling between a and b, such as is intro¬ 
duced when the hydroquinone is written in the ordinary form; and, 
since a and h are large numbers, it is reasonable to suppose that the 
presence of those forms will resist that coupling even in the hydro¬ 
quinone. It is for a similar reason that hydrocarbons of the type 
of pentacene exhibit the unsaturated properties of a free radical (see 
section 33d). Therefore, the replacement of a single by a double 
carbon-carbon bond (equivalent to 42 kcals.) which would pro¬ 
duce such a coupling will not take place, and the calculated heat 
of the reaction (2) will then be 42 kcals. greater than that calcu¬ 
lated from the ordinary formulas, or 4-47 kcals. This gives another 

value to use in the equation A// = A + B~ , and we have 47 = 

Sn 

A + B(--l). Taking this, together with the expression obtained 
from p-benzoquinone, the value of B is 59.3 kcals., or about 1.3 volts. 
The slope of the line in Figure 44 lies between 1.3 and 1.4 volts. 
The actual values of the oxidation potentials for all of the quinones 
in the table can of course be calculated if the values of the assumed 
constant differences are taken as the same as those which apparently 
are satisfactory for p-benzoquinone; i.e., 9 kcals. for the difference 
in the heat of sublimation and heat of solution between quinone and 
hydroquinone, and 1 kcal. for the difference in the contribution of 
ionic forms, and the observed constant value of A/S for these hydro¬ 
genations. 
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32b, Ionic resonance and induction. When we consider the effects 
of ordinary substituents in the 2 and 3 positions in a 1,4-quinone, 
we must be concerned with the very polar resonance and inductive 
effects which have been neglected or considered as constant in the 
preceding discussion. These are effects of a smaller order and, 
furthermore, there will undoubtedly be present many of the irregu- 
larities which almost always appear in ortho-substituted compounds. 
It is therefore not to be expected that any veiy good quantitative 
correlations will appear. Qualitatively, however, the usual order of 
group effects does appear, and they can be understood in terms of 
their relative effects on the two main ionic contributions to the 
resonance in the quinone and the hydroquinone, respectively. The 
predominating ionic resonance in quinone tends to throw a positive 
charge into the ring: 


o- o- 



O O 


A 

A. 

f 

V 

0- 

\A 

1 

0- 


On the other hand, that in hydroquinone does the reverse, i.e. tends 
to throw a negative charge into the ring: 


HO+ 


A. 



HO 



etc. 


Hence those substituents which, through either resonance or induc¬ 
tion, can assist the ring to accommodate the positive charge will 
stabilize the quinone while reducing the stability of the hydroquinone, 
and thus reduce the oxidation-reduction potential of the quinone. 
Similarly, those groups which can assist in the accommodation of 
negative charge will raise the potential. The former group is typified 
by the amino group, i.e. acid-weakening, and the latter by the nitro 
or sulfone groups, i.e. acid-strengthening. In Table 38 are repro¬ 
duced some of the results of Fieser and Fieser on the effect of a group 
substituted in the 2 position in 1,4-naphthoquinone, and in the 4 
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position in 1,2-naphthoquinone. It should be remembered that 
although 4-substituted 1,2-naphthoquinone is ostensibly free of 
ortho effects for the substituent, there is here the complicating 
ortho effect in the quinone and hydroquinone grouping itself. 


Table 38 

EFFECT OF SUBSTITUTION ON THE POTENTIAL OF 
NAPHTHOQUINONES* 


(Alcoholic Solution) 


2-Sub8tituted 1,4-Naphthoquinone 

E“ (unsubstituted) = .48 volt 

4-8ubstituted 1,2-Naphthoquinone 

E° (unsubstituted) »* .58 volt 

A- 

(millivolts) 

A. 

AE'* (millivolts) 

NHCHa. 

. . -252 

NHCH, . 

. -283 

NH 2 . 

. . -210 

NHC4H9(71-). 

. -281 

NHCsHfi. 

-198 

NHC 2 H 6 . 

. -279 

N(CH3)2. 

— 181 (aqueous) 

NHCHzCsH,. 

. -276 

OC4H9(n-). 

.. -133 

NHa. 

. -251 

OCH 3 . 

.. -131 

OC4H9(n-). 

. -154 

OH. 

-217 

OCH 3 . 

. -143 

CHj. 

-76 

CH,. 

. -44 

NHCOCH, . 

-67 

NHCOCHs. 

. -30 

CH(C(,H 3)2 . 

-51 

CH(COOie),. 

. +22 

CflH5. 

-32 

SOsNa. 

. +60 

OCOCH 3 . 

-9 



Cl. 

+24 



SOaNa. 

+69 



SO 2 C 6 H 4 CH, 

. +121 




• Fieeer, L. F., and Fieeer, M., J. Am. Chem. Soc., 57 , 491 (1936). 


All of the compounds in Table 38 are substituted in the quinoid 
ring. When the substituent is not in the quinoid ring its effect is 
much smaller and, furthermore, depends very critically upon its 
position with respect to the quinoid ring. For example, substituents 
in the 1 or 3 position in phenanthraquinone have a considerable 
effect on the 


O O 



potential of phenanthraquinone, while in the 2 or 4 positions they 
are practically ineffective. As Fieser has pointed out, the 1 and 3 
positions are, respectively, ortho and para to the quinone carbonyl 
(or the hydroxyl of the hydroquinone), while the 2 and 4 positions 
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are meta. A consideration of the possible paths by which a resonance 
interaction may occur between the several positions and the quin one 
groups will show that substituents in the 1 or 3 position may interact 
directly through the A ring with the quinoid carbonyl group, whereas 
any interaction between the 2 or 4 position and a carbonyl (or 
hydroxyl) group can occur only through both the A and the B rings 
and the bond connecting them. Although the magnitude of the 
effects of substituents not in the quinone ring is smaller than other¬ 
wise, the order is again the usual one; i.e., acid-weakening groups 
reduce the potential while acid-strengthening ones increase it. In 
Table 39 are given some of the data collected by Fieser on the effect 
of substituents in the 1 or 3 position on the potential of phenanthra- 
quinone. 


Table 39 

THE EFFECT OF SUBSTITUENTS IN THE 1 OR 3 POSITION ON 
THE POTENTIAL OF PHENANTHRAQUINONE* 
jF®( unsubstituted) — 0.460 volt 


R 

NHj. 

CH,. 

OH. 

OCH,. . 
OCOCH, 
SO,H.... 

Br. 

CO,H... 
CO 2 CH,. 
COCeH#. 

CN. 

NO,. 


AE° (millivolts) 


-64 

-50, -53 
-39 
+9 

-h23, +30 
+28 
+49 
+58 
+59 
+76 
+91 


• Fieser, L. F., J. Am. Ch^m. Soc., 51, 3101 (1929). 


33. FREE RADICALS 

In 1900 Gomberg found that solutions of hexaphenylethane in 
benzene exhibited the properties of a very unsaturated system. The 
solutions were yellow and absorbed oxygen and halogens instantly. 
He explained this by the assumption of the equilibrium 

(CeH6)8C—C(C6H6)8 2(C6Hb)3C— 

Hexaphenylethane Triphenylmethyl 

in which the reactive species is the free radical triphenylmethyl. 
Molecular weight determinations indicated that a 3 per cent solution 
of the ethane in benzene was about 2 per cent dissociated into free 
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radicals at about 5®C. Since that time a tremendous amount of 
work has been done on many substances in which a homopolar 
electron pair bond may be symmetrically broken, giving a structure 
having an odd electron. It has been found possible to prepare free 
radicals in which at least initially the odd electron is on N, O, S, Pb, 
Sn, and perhaps others, but by far the greatest number of free 
radicals so far prepared are those containing trivalent carbon. 

The existence of the free radicals has been demonstrated by physi¬ 
cal as well as chemical means, the most important of which is the 
measurement of their magnetic susceptibilities. Practically all nor¬ 
mal organic compounds have an even number of electrons existing 
as pairs whose spins are opposed. Thus the net magnetic moment 
of the molecule, which is the resultant of the moments of all the elec¬ 
trons present, will be zero, since each electronic moment is balanced by 
the opposite one of the pair. If, however, there is an odd number of 
electrons in the molecule, at least one spin must be left unbalanced, 
thus giving the molecule a net magnetic moment and making it 
paramagnetic. This was firet recognized by Lewis, who pointed out 
that NO and a few other ^^odd molecules^^ as well as the organic free 
radicals should be paramagnetic, as they were indeed found to be. 
In general the paramagnetism of a free radical containing one 
unpaired electron corresponds to a magnetic moment of one Bohr 
magneton, i.e. the moment of a single electron. A measure of the 
paramagnetism of a solution containing a dissociable compound can 
thus be used to determine the extent of the dissociation into free 
radicals. 

In spite of the large amount of work that has been done, the 
quantitative prediction of the extent of dissociation of some given 
molecule from a primary consideration of its structure is not yet 
possible. One of the reasons for this is obviously the same one 
which was mentioned with respect to the keto-enol equilibrium. 
Within the measurable range of dissociation, i.e. from 1 to 99 per 
cent, the change in the AH of the reaction is relatively small, so 
that a great many small, perhaps secondary, effects might greatly 
influence the observed value of the dissociation. This can be par¬ 
tially overcome by extending the range of temperature over which 
the measurements are made, i.e. lowering the temperature for the 
apparently completely dissociated substances and raising the tem¬ 
perature for the apparently completely undissociated substances. 
This cannot be extended indefinitely for at least two reasons be¬ 
sides the purely experimental difficulties of the physical or chemical 
measurements at either reduced or elevated temperatures. The 
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temperatures cannot be raised too high, for, after all, the free radicals 
are essentially veiy reactive species and will undergo irrevcirsible 
reactions with themselves or the solvent. The temperatures cannot 
be lowered too much, for those very substances which are most 
highly dissociated are usually the ones which are least soluble. 
Furthermore, since the extent, of dissociation depends on the solvent, 
measurements cannot be compared indiscriminately among different 
solvents. 

It has, however, been possible to recognize a number of conditions 
which, when they appear in a molecule, tend to enhance the disso- 
ciation. Since the effect of structure on the dissociation equilibrium 
has been studied most thoroughly among the trivalent carbon radi¬ 
cals, we will consider these in some detail. 

33a. Trivalent carbon. The only case for which AH and AF ha\'e 
been directly determined for the dissociation of a C—C bond into two 
free radicals is that of hexaphenylethane. Using the intensity of the 
color of the solutions as a measure of the extent of dissociation, 
Ziegler^* has determined the e(iuilibrium constant 

where C Is the concentration of the ethane in moles/1, and a is the 
fraction dissociated, at a number of different temperatures, obtaining 
the values 2.6 X at 13^C., 7.84 X at 30°C., and 18.8 X 
at 43°C. These correspond to a value of 11.8 kcals./mole for the 
heat of dissociation. Similar values were obtained in other solvents. 
This value of 11.8 is to be compared with the heat of dissociation of 
the C—C bond in ethane itself, which is probably of the order of 70 
to 80 kcals., the value 58.6 given in Table 28 for the C—C bond being 
an averaged value to be used only in calculating the heat of complete 
disruption of a compound into atoms. Although the heats of disso¬ 
ciation of most of the other ethanes into substituted methyl radicals 
have not been directly determined, an idea of the effectiveness of the 
various types of groups in promoting this dissociation may be ob¬ 
tained from a comparison of the amount of dissociation of the 
several ethanes under similar conditions. Such a comparison can be 
made from an examination of Table 40, in which the per cent dissocia¬ 
tion of a number of symmetrically substituted ethanes is given, 
together with the name of the radical formed. 

At least two determining factors are apparent upon even a 

Ziegler, K., Ann., 473,163 (1929). Other methods used by Mithoff, R. C., 
and Branch, G. E. K., J, Am, Chem. Soc.^ 62, 265 (1930). 
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cursory examination of the table. They are (1) the size of the 
groups, which might give rise to purely steric effects such that the two 
radicals would be kept from combining, and (2) the presence of 
aromatic groups attached to the apparently trivalent carbon atom. 
Although the presence of aromatic groups must necessarily carry 
with it the steric condition, the reverse is not true. Furthermore, 
para substitution in triphenylmethyl may very markedly affect the 

Table 40 

DISSOCIATION OF ETHANES TO GIVE TRIVALENT CARBON FREE 
RADICALS IN BENZENE SOLUTIONS CONTAINING 
2 3 PER CENT OF THE ETHANE AT 5°C. 

(Unless otherwise stated.) 


Radical s formed Per Ce nt D iss ociated^ 

Triphenylmethyl. 1-3 

Diphenyl-p-tolylmethyP. 5*^ 

Diphenyl-m-xenylmethyP. . 11-12» 

Diphenyl-p-xcnylmethyP. 15, 13-14“ 

Diphenyl-p-anisylmethyl. 25 

Diphenyl-p-ier^-butylphenylmethyP. 8® 

Diphenyl-o-tolylmethyP. 27^^ 

Tris- (p-isopropylphenyl) methy . 26* 

Diphenyl-o-anisylmethyl . 27 

Diphenyl-/3-naphthylmethyl. 33 

Diphenyl-a-naphthylmethyl . 60 

Tri-m-xenylmethyP. 60^ 

Phenyl-di-p-xenylmethyl. 75 

Tri-p-xenylmethyl. 100 

Tri-o-anisylmethyl. 100 

Phenyl-p-xenyl-«-naphthylmethyl. 100 

Phenylxanthylmethyl. 82 

Phenyl xenylenemethyl. 0 

^er^-Butyl-di-p-xeny Imethyl*. 70 


® 3.6% solutions at 25®C. ^ 5.8% solutions at 30®C. 

^ 4.7% solutions at 28‘’C. * 6.8% solutions at 28*C. 

® 6.1% solutions at 29®C. * 2.6% solutions at 25®C. 

1 From Walden, P., Chemie der freien Radikale, Hirzel, Leipzig, 1924, unless otherwise stated. 

* Marvel, C. 8., Mueller, M. B., Himel, C. M., and Kaplan, J. F., J. Am. Chem. 8oc., 61, 2771 
(1939). 

* Marvel, C. S., Mueller, M. B., and Ginsberg, E., J. Am. Chem. Soc., 61, 2008 (1939). 

* Marvel, C. S., Ginsberg, E., and Mueller, M. B., J. Am. Chem. Soc., 61, 77 (1939). 

* Conant, J. B., and Schultz, R. F., J. Am. Chem. Soc., 55, 2098 (1933). 

degree of dissociation without changing the steric conditions about 
the dissociating bond very much. Similarly, the radical diphenyl- 
cyclohexylmethyl does not exist in any appreciable amount in solu¬ 
tions of the corresponding ethane, although these solutions do absorb 
oxygen and form a peroxide. On the other hand, alkyl groups con¬ 
taining secondary or tertiary carbon atoms attached to the disso¬ 
ciating carbon atoms do have an effect toward weakening the C—C 
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bond in the ethane. For example, tetra-p-xenylethane shows no 
evidence of the existence of the free radical, while tetra-p-xenyl-di- 
^er^-butylethane is about 70 per cent dissociated in dilute solution 
in benzene at 5°C., which is only slightly less than the dissociation of 
tetra-p-xenyldiphenylethane (75 per cent) under the same condi¬ 
tions. A more detailed examination of the many compounds which 
have a tendency to dissociate into substituted methyl free radicals 
fully confirms the suggestions indicated above, i.e. that the presence 
both of aromatic groups and of large alkyl groups containing sec¬ 
ondary or tertiary carbon atoms tends to weaken the C—C bond in 
ethane, if not to actually produce an appreciable concentration of 
free radicals in dilute solutions at ordinary temperatures. 

The presence of aromatic groups, however, seems to be the most 
important requirement for dissociation. The aromatic groups can 
be arranged in order of their effectiveness in promoting dissociation: 
a-naphthyl > p-benzyloxyphenyl > /S-naphthyl > o-anisyl > 
p-anisyl > J xanthyl > p-xenyl > p-tolyl > phenyl > p-chloro- 
phcnyl > ^ biphenylene. A number of others could be added to 
the list, but this suffices to show the type of thing which is to be 
found. The reason for the effectiveness of the aromatic groups has 
been found in a consideration of the resonance which they may intro¬ 
duce into a molecule or radical. It has even been possible to predict 
an order of effectiveness among several aromatic groups.^* 

The principle of the method involves the assumption that it is not 
the ethane bond which is weakened (made unstable) but rather that 
the free radicals formed upon dissociation are stabilized by resonance 
to such a degree as to permit them an appreciable existence in 
equilibrium with the undissociated ethane, in some cases, as we have 
seen, to such an extent that no ethane is present. We may illustrate 
by considering the case of hexaphenylethane: 



Pauling, L., and Wheland, G. W., J. Chem. Phys., 1, 362 (1933); Htickel, 
E., Z. Physik, 88, 632 (1933); Trans, Farad. <S»oc., 30, 41 (1934). 
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In each of the phenyl groups of the ethane there are all of the benzene 
resonances (the two chief ones being the Kekule structures) which 
appear again in the free radical. If these were all that were possible 
in the free radical, the dissociation energy would hardly differ from 
that of a hexaalkylethane. But in the free radical there are the 
additional 36 forms in which the odd electron is on an ortho or para 
carbon atom in one or the other of the three rings; e.g.: 



Nine such positions are possible for the odd electron, each having 
four forms of the rest of the molecule associated with it. It is these 
extra forms possible in the radical which stabilize it sufficiently to 
make it have an appreciable concentration in equilibrium with the 
ethane. If now one of the phenyls in the radical is replaced by xenyl, 
instead of only nine possible positions for the odd electron in the 
aromatic part of the molecule there will be six in the two phenyl 
groups and six in the xenyl group: 
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Each of the six positions in the phenyl groups and the first three 
in the xenyl group will have eight forms associated with it, making 
seventy-two forms, while each of the last three positions in the xenyl 
group will have four forms associated with it, making twelve more 
forms. These last twelve forms cannot be as important as the other 
seventy-two, since in them benzene resonance is destroyed. It 
is quite easily apparent that the greater number of forms in the 
diphenyl-p-xenylmethyl over that in triphenylmethyl should increase 
the amount of the former radical in equilibrium with its ethane over 
that of the latter, which is indeed the case experimentally. Actually, 
not only the number of forms, but also their relative importance must 
be considered in making this calculation. Carrying this out for a 
number of free radicals, Pauling and Wheland obtained the following 
order for the resonance energies of the radicals: phenylbiphenylene- 
methyl < triphenylmethyl < diphenyl-p-xenylmethyl < phenyl- 
di-p-xenylmethyl < tri-p-xenylmethyi, etc. This corresponds very 
well with the experimental order. The observation of Marvel that 
the diphenyl-m-xenylmethyl exists in the free radical form to an 
only very slightly smaller extent than the corresponding p-xenyl 
compound may be evidence to the effect that the extra twelve forms 
present in the p-xenyl compound, which are incapable of existence in 
the m-xenyl compound, contribute very little to the stability of the 
radical. 

The effects of substituents in the phenyl groups can in general be 
understood along similar lines. For example, in the p-anisyl group 
the oxygen atom offers an additional position for the odd electron, 
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which, moreover, does not require the disappearance of a benzene 
resonance, although it does involve a separation of charge. Further¬ 
more, the negative charge can now be distributed among the nine 
ortho and para positions in the phenyl groups; the net result is an 
even greater stability for the diphenyl-p-anisylmethyl than for 
diphenyl-p-xenylmethyl. The case of the xanthylmcthyls is analo¬ 
gous to that of the o-anisylmethyls. As we shall see later, it seems 
that the oxygen atom may carry the odd electron much more easily 
than the carbon atom. 

We find in the majority of cases that the effects of P-NO 2 and 
P-OCH 3 are in opposite directions (see Chapters VI and IX). How¬ 
ever, they have the same effect on the stability of the triphenylmethyl 
radicals with respect to the ethane. The tris-(p-nitrophenyl)methyl 
is apparently completely in the free radical form in dilute solution at 
room temperatures, and perhaps even in the solid phase, owing to the 
additional forms in the free radical made possible by the presence of 
the nitro group. The most important of these forms are 


0- R 



which maintains the benzene ring (4 forms), and the quinoidal forms 
(2 forms). 


0“ R 



The source of the dissociating effect of secondary and tertiary 
carbon atoms is not so readily decided upon. It may be purely a 
steric effect or it may be a secondary resonance effect such as we 
have used to interpret the heat of hydrogenation data of section 30a. 
On the other hand, these may simply be two points of view for the 
same structural phenomenon. Compare the resonance interpre¬ 
tation we have given of the data of hydrogenation of hydrocarbons 
with the steric explanation of Conn, Kistiakowsky, and Smith. 
The fact remains, however, that the continued substitution of 

“ Conn, J. B., Kistiakowsky, G. B., and Smith, E. A., J. Am. Chem. Soc., 
61. 1868 (1939). 
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carbon for hydrogen in combination with carbon seems to 
stabilize the system in the same way as a resonance might. 

Another type of free radical which may be conveniently classed as 
a trivalent carbon radical, although the odd electron almost certainly 
spends a good deal of its time on an atom other than carbon, is the 
group of metal ketyls. They may be obtained by various means, 
but most directly by the action of alkali metals on aromatic 
ketones containing no a-hydrogen atoms 



Na Na 
O O 



The fact that the pinacol itself gives no evidence of dissociation into 
free radicals whereas the alkali metal salts may be quite highly 
dissociated in ionizing solvents (potassium xenyl pinacolate about 
85 per cent dissociated in dioxane^') seems to indicate that the oxygen 
is much more effective in promoting dissociation when it is in the 
ionic state (purely coulombic repulsion of two negative groups). It 
may promote the dissociation in much the same way as it does in the 
anisyl methyls, but to an even greater extent because of its proximity 
to the initially trivalent carbon atom, through the resonance forms 


: 0 :- : 0 . : 0 . 



i»Schlenk, W., and Thai, A., Ber., 46, 2840 (1913). 
Sugden, S., and Allen, F. L., J. Chem. Soc.^ 440 (1936). 
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That the radical does not exist as the entirely free ion is evidenced 
by the fact that the type of metal may markedly influence the degree 
of dissociation into free radicals. 

The existence of the equilibrium between the free radical and the 
pinacol salts in the solid phase has been demonstrated by the tempera¬ 
ture coeflScient of the paramagnetism of the crystals.^® From these 
measurements the heat of dissociation into free radicals in the solid 
phase was found to be of the order of 0.3 kcal. for the potassium 
ketyls of benzophenone, phenyl xenyl ketone, and fluorenone. The 
degree of dissociation of a large number of solid metal ketyls has 
been measured and, although the interpretation is complicated by 
the necessity of considering the crystal-lattice energy effects, they 
can be fairly well understood in the light of the principles already 
discussed. 

33b. Divalent nitrogen and tetravalent nitrogen. Exactly analo¬ 
gous to the triarylmethyl radicals are the diarylamino radicals dis¬ 
covered by Wieland in 1911. The tetraarylhydrazines correspond 
to the hexaarylethanes: 

XIZ) CD'x 

N—N -> 2 N— 

While tetraphenylhydrazine must have an elevated tempera¬ 
ture (boiling toluene, 110°C.) to show the color of the free radical, 
tetra-p-anis^dhydrazine gives a light green solution in benzene at 
room temperatures, and its color can be reversibly increased by 
warming. In contrast to the hexaphenylethanes, however, the 
action of the nitro group on the dissociation of the tetraphenyl- 
hydrazines is not in the same direction as that of the methoxyl or 
dimethylamino groups. Whereas tetra-p-dimethylaminophenylhy- 
drazine is 10 per cent dissociated in dilute benzene solution at ordi¬ 
nary temperature, tetra-p-nitrophenylhydrazine seems to be even 
less dissociable than the unsubstituted tetraphenylhydrazine. This 
is readily understood when the resonance in the undissociated hydra¬ 
zine as well as in the free radical is considered. In the undissociated 


Muller, E., and Janke, W., Z. Elektrochem.j 46, 380 (1939). 
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hydrazine there is the stabilizing resonance of the electron pairs of 
the amino nitrogen with the nitro group: 


o- 



NO 2 NO 2 


In the free radical this same resonance is possible and is mutually 
exclusive with the type of odd electron resonance which has been 
used to interpret the stability of tris-(p-nitrophenyl)methyl. The 
odd electron resonance is thus reduced in importance in aiding in 
the stability of the diphenylamino radical. On the other hand, a 
positive group containing an unshared electron pair, such as di- 
methylamino or methoxyl, will have a stabilizing effect on the free 
radical, since no resonance is possible between it and the hydra¬ 
zine nitrogen in the undissociated molecule, while a very good odd 
electron resonance is possible in the free radical: 




An interesting case in which a combination of these two effects 
(NO 2 and NH 2 ) produces an extremely stable free radical which does 
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not associate even in the solid state is afforded by a,a-diphenyh 
/S-2,4,6-trinitrophenylhydrazyl 


NO2 



Here, although the nitro resonance with one electron pair of the 
hydrazine nitrogen is possible in the undissociated compound, it is 
possible with either of two electron pairs on the same nitrogen atom 
in the free radical after the odd electron interchange has taken place 
between the two hydrazine nitrogens: 



the odd electron resonance still remaining unblocked. It would be 
very interesting to try the effect of such a combination of groups on 
the triphenylmethyl radicals. For example, the conjugation between 
amino and nitro groups, which is impossible in the ethane, becomes 
possible in the free radical: 



Kuhn, R., Naturmssenachafterif 22, 808 (1934). 
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Another group of free radicals which may be classed among the 
nitrogen free radicals are the semiquinones.^ Although semiqui- 
nones have been observed in which atoms other than nitrogen (espe¬ 
cially oxygen) carry the odd electron, the reasons involved are exactly 
analogous; and, since most of the interesting work has been done 
with nitrogen radicals, we will use them to illustrate the principles 
involved. 

Wlien a compound of the type of p-phenylenediamine (analogous 
to hydroquinonc) is oxidized to quinonediimine, a two-electron change 
takes place 


+ 2H+ + 2e-. 


It is, however, possible under certain conditions to observe the 
existence of the intermediate compound from which only one 
electron has been removed. This observation was first made by 
means of an analysis of the shapes of the oxidation-reduction titra¬ 
tion curves at various pH's, and the existence of the resulting 
odd molecule has since been demonstrated by magnetic measure¬ 
ments as well as absorption spectra. These odd molecules are free 
radicals and show the tendency to dimerize. The conditions under 
which the free radical may be expected to exist are precisely those 
for which an equivalent odd electron resonance may occur. For 
example, the semiquinone of a p-phenylenediamine may have any one 
of the four formulas, depending upon the acidity of the solution but 
only the ions I and III are capable of the completely equivalent 


":NH NH 2 NH 2 NHa 



I II III IV 

Michaelis, L., Chem. Rev., 16, 243 (1935). 

21 Dilthey, W., J. prakt. Chem., [2] 109, 300 (1925). 
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has no equivalent odd electron resonance forms, but as the acidity 
of the solution is increased, the ions II and then III are formed. 
Ion II still has no equivalent resonance forms, but III has two nitrogen 
atoms each bonded to three other atoms, making possible the almost 
equivalent form Ilia as well as the pair Illb and the four corre¬ 
sponding e-quinoidal forms. 


H3N NH2 



Illb 


Thus in 2bN sulfuric acid the semiquinone ion III is so stable that 
the oxidation-reduction titration curve shows a definite step at the 
50 per cent point and the color of the semiquinone is quite clearly 
apparent throughout one half of the titration. 

In a similar manner it may be deduced that the semiquinone of the 
oxygen compounds I (below) should exist to an appreciable extent 
only in alkaline solutions as the negative ion II. 


: 6 : : 6 : : 0 :- : 0 : : 0 :- 



I Ila Ilb 

Another condition which must obtain in order that these semi¬ 
quinone radicals have an appreciable stability appears from a con¬ 
sideration of the resonance forms of type B described for the p-phenyl- 
enediamine. When the double bond is formed between the nitrogen 
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atom and the ring, the other two valence bonds of the nitrogen must 
lie in the same plane as the ring (see section 18e on dipole moments 
in Chapter V): 



(six forms). 


If the attainment of this condition is prevented by groups substituted 
in the positions ortho to the amino group, these forms would be elim¬ 
inated, and if they are of great importance for the stability of the 
radical, that stability should at least be greatly reduced. Actually, 
when such sterically interfering groups are introduced, it is impossible 
to detect the radical at all. Thus,^"* of the three p-phenylenediamines 
I, II, III, (below) the first two form quite stable semiquinones, 
even more stable than the unsubstituted diamine, while III forms 
no free radical at all: 


N(CH8)2 


N(CH3)2 

I 


NH2 



I 

NH 2 

II 


N(CH3)2 



I 

N(CH3)2 

III 


33c. Monovalent oxygen. An exactly analogous discussion applies 
to compounds of the type R —O—O —R which may dissociate into 
free radicals R —O—. Thus the 9,9'-dimethoxy-10, lO'-phenanthryl 
peroxide^ is about 37 per cent dissociated into free radicals in dilute 
solution. 



** Michaelis, L., Schubert, M. P., and Granick, 8., /. Am. Chem. Soc., 61, 
1981 (1939). 

« Goldschmidt, 8., and Schmidt, W., Rer., 66, 3197 (1922). 
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while the ethoxy compound is about 62 per cent dissociated under 
the same conditions. These radicals differ from the trivalent carbon 
radicals in that they do not react readily with 02,12, or NO. They 
do, however, combine readily with other free radicals such as tri- 
phenylmethyl. It is of interest to recall in this connection the 
high degree of dissociation of the ethane that produces diphenyl- 
benzoylmethyl,^® and the fact that it does not react readily with 
bromine. This seems to indicate that, when it is possible for the 
odd electron to be on an oxygen atom, it prefers this position to a 
carbon atom, the forms I and II being in resonance, with II pre¬ 
dominating: 



I 


IT 


33d. Diradicals. In all of the radicals so far discussed there is an 
odd number of electrons, and hence there must be at least one un¬ 
paired electron. Actually, the magnetic measurements have shown 
that there is only one unpaired electron. It is possible, however, 
under certain conditions to have molecules (exclusive of those con¬ 
taining paramagnetic metal atoms or ions) with an even number ol 
electrons in which two of them are unpaired, thus making the mole¬ 
cule very reactive and presumably paramagnetic. Such molecules 
have been called diradicals. The simplest of these is of course the 
oxygen molecule. One of the first organic molecules which was be¬ 
lieved to be a diradical^^ is the Tschitschibabin hydrocarbon (I): 


CeHs 





CeHs 

C—C,H6 


** Ldwenbein, A., and Schuster, L., Ann., 481, 106 (1930). 
•’Tschitschibabin, A. E., Ber., 40, 1810 (1907). 





[Ch. VII, §33d] ENERGY RELATIONSHIPS (CONTINUED) 


335 


In all of these states the important condition must be satisfied 
that they all have the same multiplicity, i.e. that there be no change 
in the net spin moment of the molecule. Since the quinoidal (and 
the ionic forms) must have zero net spin, the other forms in which 
the electrons are separated must maintain this condition and the 
electrons must keep the antiparallel spin orientation. Thus, although 
the molecule be diamagnetic as a whole, the contributions from the 
separated-electron states (I) will give it a high reactivity and some¬ 
thing of the character of th(‘ free radical, depending on the extent of 
these contributions. The fact that the hydrocarbon 

(C6H6)2C=^^^^C(C.H6)2 

absorbs oxygen only when its solutions are irradiated can be at¬ 
tributed to a smaller contribution of the separated-electron states 
to the ground state of this molecule as compared with the Tschitschi- 
babin hydrocarbon. This enhanced contribution of the diradical 
states (with antiparallcl spins) is due to the same principle which we 
have found operative in the absorption spectra of the polyphenyls 
(see Chapter V) and in the oxidation potentials of the dipheno- 
quinone. In order that the two electrons of the diradical form 

interact through the formation of a quinoidal form 

R2C=< (~"y ==CRi, 

a benzene resonance (Kekule form) must be destroyed. In the case 
of the Tschitschibabin hydrocarbon, however, two benzene reso¬ 
nances must be destroyed; hence the smaller contribution of the 
quinoidal forms in the latter case. It is to be expected that the next 
hydrocarbon of this series in which three benzene rings must become 
quinoidal for the coupling to occur will be even more reactive, and 
so on, until the state is reached in which the two electrons really do 
become independent, at which point the molecule will have mass 
paramagnetic susceptibility. If, however, a method is devised which 
could detect the paramagnetism of two widely separated unpaired 
electrons in the same molecule which as a whole would be diamag¬ 
netic, it should be possible to demonstrate the diradical character of 
the Tschitschibabin hydrocarbon by this means. Such a method is 
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indeed the conversion para“H 2 ortho-H 2 in the inhomogeneous 
magnetic field of a paramagnetic molecule or ion.^® Since the hydro¬ 
gen molecule is so comparatively small, it can interact with only 
part of the large hydrocarbon molecule at a time. Thus even if the 
large molecule as a whole is diamagnetic, the presence of the two 
widely separated unpaired electrons could effect a conversion of 
parahydrogen. By this method the Tschitschibabin hydrocarbon 
has been found to be about 10 per cent diradical in a 0.016 molar 
solution in benzene at room temperature,^^ while the tetraphenyl- 
xylylidene is still diamagnetic even to this method of detection. 

Exactly similar considerations hold for the linear condensed ring 
systems of anthracene, naphthacene, pentacene, and hexacene:^^ 



Heocaoene 


Here again the reactivity increases as the number of rings increases. 
Thus, solutions of the violet-colored pentacene absorb oxygen when 
irradiated and solutions of the green hexacene are very sensitive to 
both air and light. Similarly their reactivity toward maleic an¬ 
hydride increases in the same order and the condensation takes place 
as near the center of the chain as possible. But magnetic measure¬ 
ments have shown the pentacene to be diamagnetic, so that we have 
to apply here the same consideration of an increasing contribution of 
diradical forms (with antiparallel spins) as before. The reason for 
this increasing contribution, although the same in principle—i.e., cer¬ 
tain resonances are prohibited by the coupling—is somewhat different 
in detail, being exactly analogous to the reasoning employed in the 
calculation of the oxidation potentials of the linear condensed-ring 


Farkas, A., Orthohydrogen^ Parahydrogen and Heavy Hydrogen. Cam¬ 
bridge University Press, 1935. 

** Schwab, G.-M., and Agliardi, N., Ber., 73, 95 (1940). 

Clar, E., Her., 65 , 503 (1932); Clar, E., Ber., 72, 1817 (1939); Marschalk, 
C., Bull. 80C. chim. France^ 6 , 1112 (1939). 
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system quinones. Thus, in pentacene the two principally different 
resonance forms are: 




j .H 

(9 forms) 


and 






(6 forms) 


A number of other positions are possible for the separated elec¬ 
trons, but each of these other arrangements has fewer forms asso¬ 
ciated with it than the one shown. Thus, in the diradical form, each 
of the two naphthalene parts is free to take any of its three forms 
while, when the coupling is required, the two ends of the molecule 
are restricted in the number of possible configurations. A number of 
other molecules belonging to this class of diamagnetic reactive com¬ 
pounds have been found; e.g., rubrene (A), which forms a reversibly 
dissociable peroxide, and dibenzyl- 7 , 7 '-dipyridyl {B), 


CeHs CfiHi 



CHsCeHs 

I 



\N/ 


I 

B 


In general, then, if the attempt is made to prepare a molecule con¬ 
taining two unpaired electrons, and that molecule is such that these 
two electrons may interact with each other through the molecule 
merely by the shifting of double bonds, that interaction will take 
place and the molecule will be diamagnetic, although it may show 
great reactivity for the reason just outlined. It has been possible, 
however, to prepare a molecule which satisfies the above conditions 
but which shows paramagnetism in a manner very similar to that of 
oxygen; i.e., there are two possible distinct electronic states, one of 
them paramagnetic and one of them diamagnetic. They are not in 
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resonance with one another because of their difference in spin 
moment; but they are in equilibrium with each other, the position 
of the equilibrium depending upon the temperature because of a 
difference in energy of the two states. The molecule is that of 
porphyrindin, which may be written in the diradical form with the 
odd electrons on either nitrogen or oxygen in resonance: 


CHs : 0 : : 0 : CH 3 


H,C—( 


-N+ 

H-N— 

—( 

CH, 



T -X 

/•r 





C=N- 

-N=C 





/ 

\ 



HN=C— 

-N 

N— 

-( 

:=NH 



H 

H 



( 

:h8 

:0- t 

1 

t .0: 

CH, 

H,C—( 


1 

-N 

1 

N— 

1 

-C—CH, 




/- 





C=N- 

11 

0 




L 

/ 

\ 



HN=( 


-N 

N— 

-C=NH 



H 

H 




Porphyrindin (diradical forruB) 

This diradical is in equilibrium with a monomeric, diamagnetic sub' 
stance, 


CH, :0: 


: 0 : 


H,C—C-N+ +N- 

\ / 

C—N=N—C 

hn==c—'^n- 

H H 


CH, 

I 

-C—CH, 


-C=NH 


Porphyrindin (diamagnetic) 


whose concentration increases as the temperature is lowered. This 
is a case of electronic isomerism (electromers).^ 

On the other hand, if the molecule containing the two unpaired 
electrons is such that these electrons cannot interact by simply a 




ICh. VII, §34] ENERGY RELATIONSHIPS (CONTINUED) 


339 


shift in the double bonds, it will indeed be a paramagnetic diradical 
in its ground state. Such a molecule Ls the Schlenk hydrocarbon:*’ 

5Z>-<Z^ 

(C6H5)2C. .C(C6H5)2 

which, because the two odd electrons are mcta to each other, must 
remain in the paramagnetic condition. The diradicals will, of course, 
polymerize, and it has been found that an 8 per cent benzene solution 
of the hydrocarbon is from 6 to 8 per cent dissociated at 75°C. 

Another way in which the quinoidal form may be prevented in 
the para compound of Tschitschibabin is the insertion of substituents 
in such a manner as to prevent the coplanar arrangement of the rings 
which is necessary in the quinoidal form. This has been done by 
Muller and Neuhoff,^'* who prepared the compound 

^C1 Cl 

(C.H5)2C-<^ )>-^ ^C(C6H5). 

"^Cl Cl 

and found it to be paramagnetic. The degree of dissociation in a 
2.3 per cent benzene solution is given as 17 per cent at 18°C. and 28 
per cent at 80°C. 

34. CIS-TRANS ISOMERISM OF OLEFINS 

The configuration of a large number of ethylenic isomers has been 
more or less unequivocally determined by the use of various physical 
methods (melting point, boiling point, acid strength, dipole moment. 
X-ray or electron diffraction, light absorption and Raman spectra) 
as well as by chemical methods (ring closures and chemical reactiv¬ 
ity). Furthermore, in most cases it is possible to say which of the 
two isomers is the stable one under ordinary conditions. However, 
the degree of that stability, i.e. the value of AH or AF for the reac¬ 
tion cis ^ trans, has not been widely determined. Most of the data 
has been obtained from measurements of the heats of combustion of 
the solid compounds, and this includes the lattice energy of the 
crystals. 

« Schlenk, W., and Brauns, W., Ber., 48, 723 (1915). 

Muller, E., and Neuhoff, H., J5er., 72, 2063 (1939). 
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Ai7 FOR THE REACTION cis trans 
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)t represent a true comparison since the heat of wmbustion of the cis compound is that for a liquid while for the tram it is that of a solid, 
m of tran«-6tilbene (7.5 kcals./mole) is added to the heat of combustion, the A// (cw —» trans) for the liquid state beromes —2.7 kcals./mole. 
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The entropy difference between cis and irans compounds may be 
expected to be small and, where it has been measured (butene), it 
has been found to be about 1-2 cals./mole deg. Therefore the value 
of A// will be the quantity primarily concerned in determining the 
position of the equilibrium. From the data of Table 41 and from a 
large number of qualitative observations, it may be said more or less 
unequivocally that in the solid state the trans isomer is practically 
always the more stable one, and tliat the difference in energy between 
the two solid forms is of the order of 5 to 10 kcals./mole. This 
difference includes of course the differences in the intermolecular 
forces and lattice energies. In general, it seems that in the vapor 
phase the difference in energy will be somewhat smaller, but the 
direction of the difference remains the same, except in a few special 
cases. 

l^his instability of the cis compound can be understood in terms of 
two main types of forces; the purely steric repulsion of the large 
groups when they find themselves both on the same side of a more or 
less rigid double bond and the dipolar electrostatic interaction, when 
polar groups are present, which always tends to make the compound 
with the smaller dipole moment (trans) the more stable. These 
effects and the exceptions are well-illustrated by the two cases in 
which the absolute configuration of a pair of cis-trans isomers has 
been determined by x-ray or electron diffraction measurements. 

The crystal structure and molecular configuration of cis- and trans- 
azobenzene has been satisfactorily determined by Robertson^^ with 
the result shown in Figure 45. The ^rans-azobenzene molecule in the 
crystal is entirely in one plane and has the normal dimensions as 
shown in Figure 45A. This coplanar configuration is to be expected 
if the states represented by 

and the intermediate electron configurations are to be important 
contributors to the resonance in the molecule. If now an attempt 
is made to obtain the coplanar cis molecule by simply rotating one 
half of the molecule 180° with respect to the other half around the 
double bond, as in Figure 45B, it is found that the distance between 
ortho carbon atoms in the phenyl groups is only 1.3 A. This is even 
less than the nonnally bonded carbon-carbon distance of 1.64 A 


** Robertson, J. M., J. Chem. Soc.y 232 (1939). 
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A 


o 



B 



Figure 45. The structure of cis and tram azobenzene. 

Aj tram (experimental); B, cis (hypothetical); C, cis 
(experimental). 

and very much too small to accommodate two C—H bonds, which 
would require something greater than 2 X 1.07 = 2.14 A. Actually 
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the m-azobenzene molecule is found to have a configuration shown 
in Figure 45C in which the phenyl groups are rotated around the 
C—N axis and out of the C—N=N—C plane by an angle of about 
50°. In this configuration the distance between ortho carbon atoms 
is 3.1 k which is ample to accommodate the hydrogen atoms, 
especially since they are not on the line joining the two ortho carbon 
atoms. But this rotation is not accomplished without the expendi¬ 
ture of some energy, since the non-coplanar configuration must reduce 
the resomince energy contribution of the above-mentioned ionic 
forms. Th\is the cis form must be unstable with respect to the trans 
form. In a similar manner a construction of the butene-2 molecule 
using the ordinary distances and angles assigned to carbon-carbon 
bonds brings the two methyl carbon atoms to a distance of about 
2.9 k in the cis compound. The distance of closest approach of CH 3 
groups in crystals of such a molecule as hexamethylbenzene is about 
4.0 A. This distance (4.0 A) can thus be taken as the distance of 
separation of the carbon atoms of a pair of methyl groups when 
they are lying at the van der TVaals’ minimum, and are experiencing 
a maximum of attraction for each other. Any attempt to move them 
closer would encounter repulsion. Thus the distance of 2.9 A calcu¬ 
lated for m'-butene -2 is too small, and cfs-butene -2 would be unstable 
with respect to the irans compound. 

On the other hand, the electron diffraction studies of the dichloro- 
ethylenes give the Cl—Cl distance in the cis compound as 3.6 k 
and in the trans compound as 4.6 A. This distance of 3.6 k in the 
cis compound is just the van der WaaFs distance of closest approach 
for bound chlorine atoms obtained from various sources. In this 
case, therefore, and also in the case of the bromoethylenes, the 
energy resulting from the attraction of the halogen atoms at the best 
distance of separation is sufficient to make the cis compounds slightly 
more stable than the trans compound. 

36. EQUILIBRIUM IN THE ADDITION TO THE DOUBLE BOND 

We have already examined the equilibrium between the carbon- 
carbon double bond and molecular hydrogen as expressed in terms 
of the heat of hydrogenation. As an example of an equilibrium in 
the simple addition to a double bond, in which the equilibrium con¬ 
centrations are directly measurable, we may take the addition to the 
C==0 bond of a simple addend like HCN to form a cyanohydrin, 
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This is the reaction for which the naost extensive data are available. 
Lapworth^® and his co-workers determined the equilibrium constant 

_ [HCN][/eift2C==0] 

[Eift2C(OH)CN] 

for the reaction 

Ri OH 

^ \^=0 + HCN 



at 20°C. in 96 per cent ethyl alcohol (4 per cent H 2 O) for a large 
number of ketones and aldehydes. A careful examination of their 
results is very illuminating, since it conforms to the principles we 
have already outlined and also illustrates how complexities may enter 
into even what is apparently a very simple and straightforward case. 
In Table 42 are reproduced a pair of sequences showing the effect of 
the phenyl group and of successive substitution of carbon for hydro¬ 
gen on the carbon atom attached to the carbonyl group. 

The most striking effect is that of the phenyl group in stabilizing 
the carbonyl compound. This is undoubtedly due to the resonance 
possible in the carbonyl compound. 

R R 

This possibility is removed in the cyanohydrin. When two phenyls 
are attached to the C=0 group (benzophenone), no cyanohydrin 
formation could be detected. This is not simply a steric effect, 
i.e. a masking of the C=0 group by the large phenyl groups, since 
the phenyl cyclohexyl ketone shows an even greater tendency to 
cyanohydrin formation than does acetophenone. This increase of 
the cyanohydrin stability produced by the substitution of cyclohexyl 
for methyl is the effect of increasing the number of carbon atoms 

Lapworth, A., and Manske, R. H. F., J. Chem. Soc., 2533 (1928); Lap- 
worth, A., and Manske, R, H. F., J, Chem, Soc., 1976 (1930). 
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attached to the carbon atom directly bonded to the C—0 group. 
This effect is clearly shown in the right-hand half of Table 42, 
where the successive introduction as Ri of CH 3 , n-CsHr, iso-CjHy, 
terl-CMi, increases the stability of the cyanohydrin. 

Table 42 


THE DISSOCIATION CONSTANT, K = , OF SOME 

|/ri/i aC'vOxiJC'N] 

CYANOHYDRINS IN 96 PER CENT AQUEOUS 
ALCOHOL AT 20°C. 


Carbonyl 

Compound 

K X 102 

Carbonyl 

Compound 

K X 102 

)c=o... 
cu/ 

. 0.28'^ 

CH.\ 

)c=o. 

CtR/ 

. ... 130 

OH,v. 

)c-=o... 
cr/ 

. 3.05 

CaHjCII* 

\ 

C=0. 

/ 

CsH. 

. 90 



(CH,)sCH 

\ 


CH,n 

)c«o. 

c«h/ 

. 130 

\ 

c=o. 

/ 

C,H, 

. 25 

)c=o . 

CJl/ 

. 00 

(CH.IsC 

\ 

c=o. 

/ 

. 9 

(no appreciable for¬ 
mation of cyanohydrin) 

CeHfi 


CeHu\ 

;c==o . 
c,r/ 

. 40 

H 

\ 

C==0. 

/ 

C,H. 

. 0.47 


* This value is estimated from the relative constants of acetaldehyde and acetone in aqueous 
solution reported by Jones. W. T., J. Chem, Soc., 1560 (1914): Xaoetone = nXaoetsJdefayUe • 


This order of primary, secondary and tertiary carbon atom effects 
is an interesting reversal of what is usually observed. In considering 
the heats of hydrogenation of unsaturated hydrocarbons it was found 
that the substitution of carbon for hydrogen attached to an unsatu¬ 
rated carbon atom acted so as to increase, apparently, the stability 
of the compound containing the double bond. An exactly similar 
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order of effects is found in the equilibria for the foiination of acetals 
from aldehydes or ketones:” 

H H 

R—C =0 + 2C2H6OH ?=> iJ—C—OC2H6 + H2O 

I 

OCjHt 

Ri Ri OC2H6 

\ \ / 

c=0 + HC(0C2H6)3 ^ c + HCO 2 C 2 H 6 . 

/ / \ 

R2 R2 OC2H6 


In the case of the reaction of aldehyde with ethanol, the per cent 
conversion into acetal in a mixture of five moles of alcohol with one 
mole of aldehyde is, for acetaldehyde, 78 per cent; for dimethyl- 
acetaldehyde, 71 per cent; and for trimethylacetaldehyde 56 per cent. 
Similarly, when the ketone is allowed to react with ethyl ortho¬ 
formate to form the ketal, the order of decreasing amount of ketal 
formed is dimethyl ketone, methylethyl ketone, diisopropyl ketone, 
methyl ^^-butyl ketone, ethyl ^er/-butyl ketone, ^cr^butyl isopropyl 
ketone and di-^er^-butyl ketone. Thus one is led to expect that the 
tertiary carbon atom will stabilize the compound containing the 
double bond (the C=0 in this case) more than it will the compound 
containing no double bond. There appears to be some sort of conju¬ 
gation between the tertiary carbon atom and the double bond, as 
has been pointed out in section 30a. The explanation of the reversal 
of this effect in the case of the addition of HCN is to be found in the 
high polarity of the CN group. The substitution of alkyl for hydro¬ 
gen may act in two ways on the equilibrium of carbonyl compounds 
with their addition products. The first way is the one we have 
already mentioned in which the carbonyl compound is stabilized with 
respect to its addition products, i.e. the equilibrium 


R' 

sC—(!)=C 


R' 

i—X 


R' 

+ - 1 + - 


R' 


RzC—0=0 + H,C—C—X X + HaC—C=0 

I I 

OH OH 


Adkins, H., Oilman’s Organic Chemistry, vol. 1, p. 823. John Wiley & 
Sons, New York, 1938. 
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is shifted toward the left because of the conjugation effect of the RsC 
group with the double bond. On the other hand, the dipolar inter- 

4* “ + — 

action of RsC —C and C —X would tend to shift the equilibrium 
toward the right. This second effect becomes important only when 
X is a highly polar group, so that, when X is OR as in the acetal 
formation, the first effect predominates, whereas when X is CN the 
second effect becomes important. 

When the tendency to cyanohydrin formation becomes very 
great, i.e. when K becomes very small, complexities arise which may 
often be very confusing. For example, the dissociation constant of 


Table 43 

THE DISSOCIATION CONSTANTS FOR SOME SUBSTITUTED 
BENZALDEHYDE CYANOHYDRINS AT 20°C. IN 
96 PER CENT C 2 H 5 OH (4 PER CENT HjO) 
YC6H4CH(0H)CN YCefUCHO + HCN 


X K X W 


H. 0 47 

P-NO 2 . 1.81 

m-N02. .. . . 0.27 

p-Cl. 0.49 

m-Cl. 0.25 

p-CH,0. 3.12 

m-CHsO. 0.43 

p-OH . 7.66 

m-OH. 0.48 

p-CH,. 1.03 

m-CHa . 0.60 

P-(CH 3 ) 2 N. .39.0 


bcnzaldehyde cyanohydrin is already veiy small {K = 0.47 X 10“^), 
and Lapworth and Manske had already noticed that the effects of 
P-NO 2 and p-(CH 3 ) 2 N on this constant were both in the same direc¬ 
tion, whereas in practically all other comparable cases these two 
groups have antipodal effects. This discrepancy appeared with 
other substituents but to a lesser degree. In Table 43 are repro¬ 
duced some of the results on substituted benzaldehydes obtained by 
Lapworth and Manske. We have given only m and p substitutions, 
since we have already seen that 0 substitutions may have all sorts of 
vagaries depending on the particular group and reaction concerned. 

In order to evaluate the quantitative effects of these groups, we 
can make use of the linear relations discussed in Chapter VI where 
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it was shown that the effect of a substituent on the acid strength of a 
particular type of acid could be expressed by 

log Ka = log Ku + o-p, 

where <r is a constant characteristic of the group and p is a constant 
characteristic of the type of acid. Later on in Chapter IX we shall 
see how this relationship has been generalized to include the effects 
of structural changes on rates of reactions as well as on equilibria. 



cr 

Figure 46. The effects of substitution on the dissociation 
of cyanohydrins. 


The value of p for this particular reaction is as yet not known, but 
we have values for tr determined from the effects of groups on acid 
strengths or, better yet, values given in Chapter IX, which are 
averages from many types of equilibria and rates. Using the values 
given in Table 46, Chapter IX, log K„ for the dissociation of the 
substituted benzaldehyde cyanohydrins is plotted as ordinate against 
the corresponding a value as abscissa in Figure 46. The general 
shape of the curve is quite definite. It possesses a minimum and 
seems to pass into a straight line, at least on the left of the minimum- 
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The slopes of the ends and the position of the minimum are, however, 
very uncertain. It should be noted that most of these measure¬ 
ments are in the very region where the determination of K is least 
certain. When K is less than equimolecular mixtures of 

carbonyl compound and HCN react more than 90 per cent to form 
the cyanohydrin. 

It is possible, at least, to understand this result without the intro¬ 
duction of any new principles if the conditions of the experiment ani 
examined a bit more closely. The experiment was done by mixing 
alcoholic solutions containing measured quantities of aldehyde and 
HCN and allowing them to come to equilibrium, at which time an 
analysis was made for the free (uncombined) HCN. The equilibrium 
constant was then calculated by taking the proper differences, 
assuming that for each mole of HCN which had combined, 1 mole of 
aldehyde had reacted, the concentration of the remaining aldehyde 
being used as the concentration of free aldehyde, [XC 6 H 4 CHO], in 
the equation 

__ [HCN][XC6H4CH0] 

[XC6H4CH(0H)CN]‘ 

Now it has been demonstrated, on the basis of refractive index and 
density measurements, that it is very probable that acetaldehyde in 
alcohol solution exists entirely as the semiacetal. The results on 
benzaldehyde^® and anisaldehyde are not so readily interpreted, but 
semiacetal formation is indicated. This is to be expected, since the 
same factors which influence the stability of the cyanohydrin are 
operative in determining the stability of the semiacetal, and the 
stabilities of acetaldehyde cyanohydrin and benzaldehyde cyano¬ 
hydrin are not very different. So, when the tendency to form 
cyanohydrin becomes very great, it will be necessary to consider also 
the possibility of semiacetal formation, especially since in these 
experiments the alcohol is present in much greater concentration 
than is the HCN. Thus the system may be described in terms of 
any two of the following three related equilibria: 

H H 

I A'< I 

X—C,H4—C—OH ^ X—C,H4—C=0 + HCN; 

_ [HCN][ZC,H4CH01 
_‘ [XC6H4CH(0H)CN]‘ 


3® Adkins, H., and Broderick, A. E., J. Am. Chem. Soc., 60, 499 (1928). 
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X—C6H4—C—OH + CjHeOH § Z—C,H4—C—OH + HCN; 

(2) CN (icjHs 

, _ [HCN][XC6H4CH(0H)0C2H6] 

[ZCeH4CH(0H)CN][C2H60H]' 

Or, since the concentration of the alcohol is practically constant, 
being present in an overwhelming excess over the other constituents, 

[HCN][XC6H4CH(0H)0C2H6] 

' [ZC6H4CH(0H)CN] 

H H 

* 1 _K, I 

Z—C«H 4 —C—OH Z—C«H4C=0 + CjHsOH; 

icaHs 

_ [ZC 6 H 4 CHO] 

* [ZC.H.CH(OH)OC2Hj]' 

The constant actually measured is 

„ _ [HCN][ZC6H4CH0 + ZC6H4CH(0H)0C2H5] 
[ZC6H4CH(0H)CN] 


which can be expressed in terms of the existing equilibria as 
Z = Zi + Z 2 ^and Z 2 = 

The only conditions which need be satisfied in order that a curve 
such as that shown in Figure 46, containing a minimum, be obtained 
are (1) that Ki and K^, be somewhat of the same order of magnitude 
and (2) that the effect of a substituent on be the opposite of its 
effect on Ki . The first condition can be expected to be fulfilled even 
though K 2 might be very small; i.e., even though the cyanohydrin 
is certainly more stable than the semiacetal, the large constant value 
of the alcohol concentration which is incorporated into will bring 
its value up to the same order of magnitude as Ki . The second 
condition is not so readily apparent just from a consideration of the 
molecules involved, but let us examine more closely the two extreme 
substitutions NO 2 and N(CH 3 ) 2 . The N(CH 3)2 will increase Ki] 





Chapter VIII 

THE RATE FACTOR IN CHEMICAL BEHAVIOR 

A compound cannot be prepared, under equilibrium conditions, 
in good yield by a reaction whose equilibrium does not favor the 
required substance; but even if the equilibrium is favorable, the 
reaction may b(^ too slow to be of any practical use. Further, in 
any mixture of organic substances a countless number of reactions 
are conceivable. If complete equilibrium were reached there would 
be no appreciable concentration of any single compound, with the 
exception of a few especially stable substances. However, as most 
of the conceivable reactions are very slow, we do get appreciable 
and sometimes almost theoretical yields of the products of the fastest 
reactions, even though these products may not be the most stable 
thermodynamically. The successful preparation of a substances 
depends not only on the free energy changes involved in the re¬ 
action, but also on its rate. The relationship betwe^en the chemistry 
and the structure of a compound is, therefore, the result of thermo¬ 
dynamic and kinetic factors. 

To understand the kinetic factors it is necessary to consider the 
laws of reaction velocities. Unlike the free energy, the rate of a 
reaction depends on its path. Consequently an understanding of the 
relationship between reaction rate and structure requires a knowledge 
of the mechanism of the reaction. The change of rate with change 
of structure depends on the path, and one should make comparisons 
not only between analogous stoichiometric reactions but also between 
corresponding paths for the reactions. For instance, the reaction 
RCl + OH“ ROH + Cl" may proceed by two paths, one 
dependent and the other independent of the hydroxide ion concen¬ 
tration. The former is faster for ethyl chloride than for isopropyl 
chloride, but the latter is faster for isopropyl chloride than for ethyl 
chloride. The relative rates of the overall reactions are therefore 
not very significant. 

The mechanism of a reaction is deduced from the way the rate 
changes with experimental conditions. In general, the assumed 
mechanism is not a unique explanation of the facts. We are, there¬ 
fore, never quite certain of the mechanism of a reaction. This in- 
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creases the difficulty in relating reaction rate and molecular structure. 
It is therefore not surprising that, although many important generali¬ 
zations connecting rate and structure have been made, they are 
qualitative in nature, and exceptions to them are not rare. 

36. THE VARIATION OF RATE WITH CONCENTRATION 

The rate of a reaction depends on the concentrations of the 
reactants. In reactions far from equilibrium, it is often found that 
the rate of increase of the concentration of a product, or the rate of 
decrease of the concentration of a reactant, is closely proportional to 
the product of some integral powers of the concentrations of all or 
some of the reactants. This product of concentrations can include 
that of a catalyst. 

This rate law can be expressed as 

= k{AT[Br... ( 1 ) 

where x is the concentration of a product of the reaction. The 
proportionality constant is called the velocity or rate constant. The 
product [AY[Bf ... is the rate function, and the sum of the indices 
is the order of this function. The apparent order of the rate law can be 
decreased by the use of a large excess of a reactant so that its concen¬ 
tration is constant during the course of a reaction and can be included 
in the velocity constant. Thus the rate law for the reaction of an 
acid chloride and alcohol is second-order, but by using alcohol as the 
solvent it can be made first-order. The rate function is then pseudo- 
first-order, and the reaction pseudo-unimolecular. 

The first- and second-order rate laws can be expressed as 

^ = A;(a - x), ^ ~ ~ 

in which a and b are initial concentrations of reactants and x is the 
concentration of a product at any time. These concentrations are 
expressed in equivalents as given by the equation for the reaction. 
Then (a — x) is the concentration of a reactant at any time. If 
concentrations are expressed in moles per unit volume, (a — nx) 
must be substituted for (a — x), n being the number of moles of 
reactant used up per mole of product formed. When equivalent 
quantities of reactants are used, (a — x) equals (6 — x) and the 
second-order law becomes 
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This is also true when the reaction depends on the square of the con¬ 
centration of one reactant. 

By integrating the first- and second-order rate equations, we 
obtain: 


t - * In --2- 

t a — X 


and h = 


In (3) 


/(a — h) {h — x)a 


When a = the second-order equation becomes 


t (a - x)a 

The constancy of k when experimental values are put into an inte¬ 
grated rate equation can be the criterion of the order of a rat(‘ 
function. 

The order of a rate law is not necessarily given by the number of 
molecules of reactants taking part in the stoichiometric reaction. 
In fact, the rate function need not have a definite order, and even 
though the reverse reaction is negligible, concentrations of products 
can appear in the function. Their appearance is due to the possi¬ 
bility of a reaction being not a single event but the result of a suc¬ 
cession or combination of reactions. It is generally assumed that, 
for any single step, the rate function has an order corresponding to 
the molecularity, i.e. the number of molecules taking part in the 
simple step. The first-order function for a step indicates a uni- 
molecular reaction, the second-order a bimolecular reaction, and so on. 

For a combination or succession of simple reactions the rate func¬ 
tion can be derived from those of the simple processes. The result 
may be a rate function corresponding to some definite molecularity. 
A simple rate function therefore does not necessarily mean a simple 
reaction. The steps in a reaction are not normally more than 
bimolecular, as the chances are against a simultaneous collision of 
more than two molecules. 

36a. Reversible reactions. When a reversible reaction approaches 
equilibrium, the net rate is lowered by the reverse reaction. The 
rate is given by the equation 

dx 

= kiVi — k2V2 (4) 

where Vi and V2 are the rate functions and ki and k2 are the constants 
of the forward and backward reactions, respectively. At equilibrium 

the two reactions are equal and ~ . This equality holds not 

Vi k2 
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only for the total reaction; it may be assumed to be true for any 
path. For, since a path may be catalyzed independently of other 
paths, the equilibrium could be disturbed by a catalyst if the equality 
did not hold for all paths. At eciuilibrium the mass-law function 

r r section 21) is also equal to a constant, so that — is equal 

[AY[Bf / 'i vi ^ 

to the (Kpiilibrium constant or a power of it. It is not necessary 

that V2 and Vi be respectively powers of numerator and denominator 

of the mass-law function, nor that at some distance from equilibrium 


~ be a power of the mass-law function. For instance, ii A ^ B 
V\ 

^oes by both a unimolecular and a bimolecular path, the rate laws 
of forward and backward reactions would be 


= k[[A] + k['[Af and = k',[B] + k','[Bf. 

di dt 

These can be exi^resscul as 

and ‘ ^^m). 

The rate functions vi and are then 

[A] (l + ^ U]) and [B] (l + 


and — is not a power of the mass-law function. At equilibrium, 

Vi 

k[[A](^i + 

V 

Hence — = 7^; but, since by the unimolecular paths equal quantities 

Vi /C2 

of A and B are being formed, k[[A] = k'^lB], and p = so ^ 

\B\ 

L — mass-law function. In other examples, rate functions that 
l-d-J 


are valid far from equilibrium are simpler than the numerator and 
denominator of the mass-law function. These simple rate functions 
are approximations. The full expressions for the rate functions are 

such that ” would reduce to the mass-law function or a power of it 

Vi 

when the concentrations are those of an equilibrium mixture. 
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A mass-law function when expressed in concentrations is not strictly 
a constant at equilibrium. In the true equilibrium function, activi¬ 
ties replace concentrations. In consequence, a (change that increases 
the activity of the reactant but not that of the resultant increases 
the rate of th(i forward reaction relative to the reverse reaction. For 
this reason it has been suggested that rate functions sliould be ex¬ 
pressed in terms of activities instead of concentrations. However, 
such a change does not greatly simplify kinetics. If we use concen¬ 
tration rate functions, it is necessary to assume activity effects on 
the rate (‘onstants, but when we use activity rate functions it appears 
that they are not successful. This can be seen from the attempts 
to express the rate of reactions independently of the solvent by 
multiplying the rate constant by the solubility product of the re¬ 
actants in the solvent. This sometimes leads to a fairly constant 
quantity, but more often does not. 

36 b. Simultaneous reactions. Where a reaction goes by more 
than one independent path, the rate of the reaction is the sum of the 
rates by the several paths. When the laws that govern the paths 
are the same, we cannot distinguish them and have no way of know¬ 
ing that there are more paths than one unless they happen to have 
very different temperature coefficients. When the paths lead to 
different rate laws, we can favor one path over another by a change 
in concentrations and, by noting the resulting difference in rate, we 
can distinguish the paths and measure their individual rates. 

When simultaneous reactions give different products, each is 
formed independently of the other; but, as the reactions compete for 
some common reactant, the yield of each product is reduced by the 
formation of the other. The general law is 


d[P^] 


dt 


= kivi 


and 


dlP^] 

dt 


k^V2. 


If there are several simultaneous reactions of the same order, vi 
and V2 are the same functions, the proportions of Pi and P2 do not 


change during the reaction, and the fractional yield of Pi is 


ki 

ki -j- ^ 


or 


h 

/ci "k* 4“ ^3 • • • 


The relative yields of various products can 


then be used as a measure of the relative rates when the competing 
reactions are of the same order. 

When the reactions have different orders, it is difficult to calculate 
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the relative yields from the rate constants. They then depend also 
. on the initial concentration. High initial concentrations favor the 
formation of the products from the higher order reactions. 

When the reactions are reversible, equilibrium is reached between 
the various products if the solution is allowed to stand. The 
relative yields then depend on the relative free energies of the 
products. 

36c. Successive reactions. The vagaries of kinetics chiefly result 
from a reaction going in successive stages. In a two-step irreversible 

k k 

unimolecular reaction, A -4 R A C, the rate of removal of A is 
proportional to the concentration of A, or 


dt 


= -HAl 


while that of the formation of C is proportional to the concentration 
of R, or 


dj^ 

dt 


UBl 


The rate of formation of R is the difference between these two rates, 
or 


d[B] 

dt 


= HA] - HBi 


The removal of A follows the same course as an ordinary unimolecular 
reaction, but the rate of formation of C starts at zero, increases to a 
maximum, and then decreases with time. The rate of formation of 
R starts at A:i[A] and decreases to zero, when its removal as C becomes 
as fast as its formation from A. The concentration of R therefore 
rises to a maximum value, which is reached when HA] =HB], 
When the concentration of R has reached a maximum, then 

= b 

[A] H 


but the concentration of A is dropping while that of R is for the 

IRI 

moment stationary. Hence the ratio ^ increases and the reaction 


B C becomes faster than the reaction A —► R. Thereafter R 
decreases in concentration. The changes of concentration of R, 
and C with time are shown in Figure 47. 
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When ki is not small with respect to ^*3, the intermediate com¬ 
pound, S, can be obtained in appreciable yield. The maximum yield 
is determined by the ratio of the two constants ki and kz . The 
maximum fractional yield is 


[AT+ [B] + [C] == 


( 6 ) 


where R = . 

ks 



Figure 47. The concentration of the several 
species in the reaction B ^ C. The solid 
lines are for the condition that is of the 
same order of magnitude as ki . The dotted 
lines correspond to a tenfold increase in k^. 


The time taken to obtain the maximum yield is 

<'> 

The above equations can be obtained by integrating the differential 
equation 

^ [AMA] - IAMB] + [BMA] 

^iT]; = —[I?— =-[IP- 

= (*1 + (h - fc3)|||)d<. 
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This gives as the time required to achieve any given value of 


IB], 

[AY 

( 8 ) 


The concentration of A is given by the standard equation for a uni- 
molecular reaction, [^4] = where Ao is the original con¬ 

centration of A. The concentration of the final product, [C], is 


Ao - [A] - [Bl 


and so the time taken to reach any given value of and the concen- 

l-dl 

trations of all components at this time can be calculated in terms of h 

Ao 

and ks alone. The special case of ki = gives [jB]max. = —. This 


condition is reached when 


, [A] = and [C] = Ao - — 

ki e e 

Cases to which the above equations may be applied are not un¬ 
common in organic reactions. As a rule they are pseudo rather than 
true unimolecular reactions. The equations can also be applied to 
cases in which the rate of the first step varies in the same way with 
respect to other substances present as the second step does. For 
instance, in a bromination of a substance that can form a mono-and 
a dibromo derivative, if the rates of the two steps vary in the same 
way with the bromine concentrations, the maximum fractional yield 

of the monobromide would be equal to Re , where R is the 

ratio of the two rate constants. To get this yield, if a large excess 
of bromine is used the reaction must be stopped when the maximum 
concentration of the monobromide has been obtained, i.e. after the 

time 7 =—; or by using 2 — 2c — Re~^ * equiva- 

(ki - *3)[Br] 

lents of bromine and allowing the reaction to proceed until all the 
bromine is used up. It may be noted that the best yield of mono¬ 
bromide is obtained when less than one equivalent of bromine is used. 
When the order of the first step with respect to the reactant is dif¬ 
ferent from the order of the second step with respect to the inter- 
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mediate (e.g., 2A B the maximum yield of the intermediate 


is obtained when 


rjil ” r yield depends not only on the ratio 

[A f Kz 

of the rate constants but also on the initial concentration. High 
yields are favored by high initial concentrations. 


k fca 

The course of two reactions of the type A B C m shown 
in Figure 47. The full lines represent the case in which B is obtain¬ 
able in quantity; the dotted lines represent the cases in which [J5] 
is always small. For these curves it has been assumed that the first 
step, A Bj has the same rate in both reactions, so that a single 
curve gives the concentration of A for both reactions. But the 
dotted lines are for the case when the second step, 5 —> ( 7 , is ten 
times as fast as it is in the reaction for which the full lines were 
drawn. The necessary condition for a reaction of the type repre¬ 
sented by the dotted lines is that > > A:i. B then can never have 
a high concentration, for at its maximum 


im 

[A] 



1 . 


Further, this maximum is obtained very shortly after the start of 
the reaction. Shortly after reaching the maximum concentration 

r Di 

of B, the ratio of concentrations becomes constant, at the value 

- . That is, 

ks — ki 


[B] ^ ki 

[A] + [B] kz 


(9) 


Since ^ and 
h 



are very nearly equal, and since B is seldom 


ki 

analytically distinguishable from A, - is generally taken as the value 

kz 

of the constant ratio. When this constant ratio is reached, the re¬ 
action is said to have reached a steady state and the rate can be ex¬ 
pressed as a comparatively simple function of the concentrations, 
and this function does not change as the reaction proceeds until 
equilibrium is approached. Thus, in Figure 47 the dotted lines 
are curves characteristic of unimolecular reactions shortly after the 
maximum concentration of B has been reached. 

In many reactions in which an intermediate is formed in small 
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concentration, the first step is reversible; i.e., A 
the maximum concentration of B is reached, 


ki 

kt 


B 


k. 


C. 


When 


[5] ^ 1 

[J.] k2 + ks 

After has reached its maximum value, it changes but little as the 
[A\ 

reaction proceeds. If any other substances but A and B are in¬ 
volved in the reaction, then the concentrations of these substances 
appear as their appropriate powers in the equation for the steady 
state. For instance, if the successive reactions are 


k 

A + X ^ i? + F, 
fe 


B + zhc, 


then at the steady state, when B is small, 

\B] „ h[X] 

[A] k2[Y] + ks[Zy 


When B is not formed in equimolar quantities from A , the maximum 

[Bf 


concentration of B is reached at an almost steady ratio of 




where a and b are the numbers of molecules of A and B in the first 
reaction. Thus, for 


2A 





[B] ^ h 

[AY + h 


at the maximum concentration of B, and this condition changes very 
slowly as the reaction proceeds when (k 2 + h) ^ ki . 

When the reverse reaction C A becomes appreciable with re¬ 
spect to A C, i.e. when equilibrium is approached, the steady- 
state ratios increase to the equilibrium ratio. Thus in 


ki k$ 

A ^ B 

kt fci 


reaches at equilibrium. 
[A] ki 


1 Sometimes A is introduced as an equilibrium mixture of A and B. The 
same steady state is obtained, but only after a decrease in the concentration 
d[C] 

of B and of the rate 
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The theory of the steady state allows us to set up the rate laws for 
any assumed set of suecessive reactions in terms of the concentra¬ 
tions of reactants and resultants, in quantities that are determined 
by analysis. The rate law is first set up in terms of the concentra¬ 
tion of the intermediate, and this is replaced by its value, from 
the steady-state equation, in terms of compounds present in large 


ki ^ 

quantities. For instance in A + X ^ B A- F, /? + Z -4 C, the net 

fc2 

reaction being X -f X -f Z F + C, we first writ(» 


dt 


UB\[Z]; 


but 


[B] 

[A] 


h[X] 

^[F] + uzy 


so that 

d[C] ^ MA][X][Z] . . 

dt k2[Y] + ks[Z]^ ^ ^ 

in which [A]^ [X], and [Z] are concentrations of reactants and [F] 
and [C] are concentrations of products. This rate law is valid only 
after sufficient time has been allowed to reach, or nearly reach, the 
steady state. 

The above equation often simplifies, as kilY] and kz[Z] may have 
different orders of magnitude. Thus, if A; 2 [F] ^ kAZl 


d[C] _ k,k, \A][X][Z] _ [^][A1[Z] 

dt [F] ^ " IyY ' 

where Ke is the equilibrium constant of the reaction ^4 + X ^ 
B + Y, The steady state is then an equilibrium. In this case the 
intermediate B is called an Arrhenius intermediate. However, if 
kz[Z] A^gfF], then 

= hlA][X] (12) 


and the rate of the reaction is determined by the first step, which 
is called the master or rate-determining step. The intermediate B 
in this case is called a van't Hoff intermediate. It should be noted 
that, if this reaction is measured over a sufficient range of concentra¬ 
tions of Y and Z, B is sometimes an Arrhenius and sometimes a 
van^t Hoff intermediate. At equilibrium all intermediates belong 
to the Arrhenius type. 

36d. Catalysis. In a series of successive reactions it is possible 
that a reactant in one step is a resultant in another, and therefore 
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is not used up as the reaction proceeds. Such a substance is a 
catalyst. When it enters the reaction the product is an intermediate, 
and this intermediate can equally well be considered as the catalyst. 
In fact, catalysis is effected by a pair or series of compounds rather 
than by a single compound. 

Reduced to its simplest form, a catalytic reaction can be repre¬ 
sented as 

kg 

A+C^B-^D + C, 
h 

followed hy C A- A —> R D + C, etc. Either C or B can be 
considered as the catalyst, or better, C and B can be considered 
a catalytic couple. In this catalysis, B can be an Arrhenius or a 
van’t Hoff intermediate. The method of steady states can be 
applied to catalytic; reactions. Thus, in the example, if the amount 
of catalyst added is small and remains chiefly as C, 

d[D] _ kzkiTc[A] 

dt /c2 ks 


where Tc is the amount of catalyst added per unit volume. When, 
however, A;i[A] is ^ (A )2 + kz)y nearly all of the catalyst is in the 
form B, and 


dm 

dt 


= fcsTc. 


( 14 ) 


Similarly, if the catalyst is added in large quantities with respect to 
the reactant and ki {k^ + kz), nearly all of the reactant is com¬ 
bined as B and the rate is independent of further addition of catalyst, 
and 


dm 

dt 


ks[Al 


( 16 ) 


When a catalyst affects the formation of a vanT Hoff intermediate 
but not the follow reaction, it increases the rate of the reaction by 
changing the steady-state ratio. It can increase this only to the 
equilibrium ratio; and, once this is reached, further addition of the 
catalyst does not increase the rate of the reaction. At this stage 
the intermediate belongs to the Arrhenius type. Thus, if the steps 

ki 

of a reaction are A ^ B catalyzed by C, and B Dy the rate is 
k^ 

given by the equation 

d[D] ^ hh[A][C] 
dt k^lC] + fcs * 
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which becomes 

^ = K.UA] 

when k^[C] is very large with respect to kz . 

As a reaction proceeds, it may form a catalyst. This is known 
as autocatalysis. The reaction starts at the low speed of the un- 
catalyzed reaction, but is accelerated as it proceeds. The reaction 
has an induction period. Reference to Figure 47 shows that there 
is an induction period for the formation of the final product in the 
case of successive reactions. This can be distinguished quite easily 
from the induction period due to autocatalysis. In autocatalysis, 
the induction period applies both to the formation of the product 
and the removal of the reactant; for succesive reactions there is no 
delay in the removal of the reactant. 

36e. Chain reactions. When an intermediate that can enter into 
a catalytic cycle is formed from the reactants and can be removed 
occasionally by another reaction, the catalytic cycle can be repeated 
many times every time the preliminary step occurs. The inter¬ 
mediate reaches a steady state that depends on the relative rates of 
the preliminary step and the final reaction or reactions that remove 
the intermediate. Thus, when a mixture of hydrogen and chlorine 
is exposed to light, the dissociation of chlorine to Cl atoms can 
occur. The chlorine atom is a reactant in the catalytic cycle 

Cl + H 2 H -h HCl, 

H + CI 2 Cl + HCl. 

It can be removed by the reactions 

Cl + Cl CI 2 , 

2C1 + H 2 H + HCl + Cl 2HC1, 

and 

2C1 + 2 H 2 2HC1 + 2H 2HC1 + Ha ; 

or by a reaction between either member of the catalytic couple Cl 
and H and some other substance that has been added. Reactions 
of this type are called chain reactions. 

There are three essential parts in a chain reaction: (1) the prelim¬ 
inary step, (2) the catalytic cycle, and (3) the chain-terminating 
reaction. For a chain mechanism to be effective, the catalytic cycle 
must be fast with respect to the chain-terminating reaction. 
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The rate law for any assumed chain mechanism can be deduced 
by the steady-state method. The rates of the preliminary and 
chain-terminating steps determine a steady-state concentration of 
the intermediate, and the rate of formation of the products of the 
catalytic cycle can be given as a function of the steady-state concen¬ 
trations. For instance, the simplest possible chain mechanism would 

he Ahc,C + nh D,D^E + C, mdC ^ A, with kz » . 

The preliminary reaction is ^ > C; the catalytic cycle is C + R —> 

D and Z) —> E -f C; the chain-terminating reaction is C A. The 
steady-state (;on cent ration of C is detemriined by 

hlA] = WC] or [C] = I [A], 

and 


= fc3[c][B] = kum. 

(it A^2 

In this simple case the chain mechanism is equivalent to the reaction 
B E catalyzed by A . 

The rate of a chain reaction is also given by the product of the rate 
of the preliminary reaction and the length of the chain. The latter 
is the average number of catalytic cycles that occur before the chain 
is broken. In the simple example above, the length of the chain is 
h[B]/k 2 , and 

dt /C2 

A^s a rule, chain reactions are not as simple as this, but the same 
principles can be used to obtain the rate law from the assumed 
mechanism. These laws can be expressed by the general equation: 

Rate = k (16) 

V2 

where ^ 1 ,^ 2 , and Vs are the rate functions for the preliminary, chain¬ 
terminating, and catalytic reactions, respectively. 

36f. Inhibitors. Many instances of a small amount of an impurity 
decreasing the rate of a reaction are known. The impurity is said 
to be an inhibitor for the reaction. In typical examples of inhibi¬ 
tion, the reaction is delayed for a time but eventually acquires a 
normal rate. At this stage the inhibitor has been destroyed. The 
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phenomenon is b(*s(. exphiincd by assuming that the reaction has a 
chain mechanism and tin' inhibitor r(^a(*ts vvitli one of the inter- 
riKsiiates and I luavBv baaninales the chain. Tf without the inldbitor 
th(‘ rai(' of th(‘ ix^actiori is given by some law as 


(Lr 

ift 


ki\A] 


h[B] 

h ' 


with the inhibitor tin* reaction rat(‘ becomes 


7/7 ^ A"2 +7^4f7l 


(17) 


in which [/] is tlie concen( ration of 1 Ih^ inlnbitor. Inhibitors are very 
oft(ai found for o>adaiions by ox'yg(*n. 'Fhese nvactions are geiK^rally 
chain rcauTions, oft<ai with very long (diains. The inhibitors are 
substan(*(‘s that can be oxidiz(‘d by th(^ internKidiate oxygcai com¬ 
pounds, producing no chain or only a short chain. Resorcinol, hy- 
droquinoiK', various alcohols, anthraxame, and iodide ion are often 
strong inhibitors of auto-oxidation. Often veay minute quantitic^s 
of inhibitoi's have veiy large eff(a*is. Thus the oxidation of benzalde- 
hyde by oxygen (‘an be practically stopped by concentrations of 
inhibitors as low as one part in a Iiundred thousand. 

The abo\a^ theor}^ of the mechanism of inhibitors lias been clearly 
demonstrated in certain cases by Aly(‘a and Backstrom.^ Where an 
inhibitor is oxidized onl}^ in th(' process of inhibition, the rate of 
decrease of its concentration is a measure of the number of chains 
terminated by the oxidation of the inhibitor. Wluai the concentra¬ 
tion of the inhibitor is sufficiently great, all chains are terminated by 
oxidation of the inhibitor, and the rate of oxidation of the inhibitor 
does not increase further with its concentration. Further, this rate 
is the rate of the preliminaiy step, ana is not only independent of the 
concentration of the inhibitor but also of what the inhibitor is, pro¬ 
vided it m('ets the specification of being oxidized only in a chain¬ 
terminating process. The concentration of inhibitor needed to ob¬ 
tain the constant rate depends on the strength of the inhibitor. The 
concentration is less the stronger the inhibitor. The inhibition of the 
auto-oxidation of sulfite ion by isopropyl, butyl, or benzyl alcohol 
is an example of this ideal type of inhibition. All three alcohols, 
when in sufficient concentration, are oxidized at the same constant 
rate, and this rate is the rate of the preliminary step of the reaction. 


Alyea, H, N., and Backstrdm, H. L. J., J. Am. Chem. Soc., 61, 90 (1929). 
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The rate of a cliain reaction divided by the rate of th(^ |)i‘(‘iin)in:ily 
reaction equals th(‘ averajz;(' length of the chain, so that the l^aiath of 
the chain can he ohtaiiKid fi-om the a])ov(‘ measurements. Similarly, 
even if the inhibitor is oxidized by souk' proec'ss other than a cljain- 
terrninatin^ step, a minimum len^ 2 ;th of the rham can be obt-aiiKsl for 
the uninliibited reaction by dividinji; tla^ normal rate of the reaction 
by the rat(‘ of removal of the inhibitor. 

In photochemical reactions th(‘ preliinmary st(‘p involves th(‘ ab¬ 
sorption of a quantum of li.a:ht. Ihaicc^ the rat(‘ of a ])hotochemi(aii 
chain naac^tion dividend by the rat(‘ of absorption of li^ht in (pianta 
ecjuals tli(^ length of th(^ (‘ha/m. 

The b(tst criteria of whcUiifa- a nau'tio]! has a (‘bain nu'chanism ar(' 
the temporary inhibition of the naaction by a stnall {|uanlity of an 
imjHirity, and the formation of a larg(‘ amount of product fXT (|uan- 
tum of light a])sorbed in a photochemical rv\action. 


37. THE TEMPERATURE COEFFICIENT OF REACTION RATE 

The i*a.t<" constant of a r(*ac(ion gxau'raliy in(‘n‘as(‘s x ca v rapidly 
with temf)eratun‘. This iticnatsc' can be fairly ac(airately exftressed 
for nearly all measurat)le naactions by th(‘ (‘quatioT) 


(/ In k ^ A 
--JT - f i ’ 


(18) 


where A is a constant characterist ic of tlH‘ naiction. This (vxf)r(‘Ssion 
fulfills the equilibrium recpiirenKait that the (Hpiilibrium constant b(‘ 


K = 


h 


for 


dlnA^ _ Alf 

RT'^ 


k2 ’ fiT 
perature and Ai — (‘an be put (xpial to 
is therefore an energy divided by R, and 


, wlirae AH is fairly (‘onstant with tem- 


AH 

R 


Tlie quantity A 


d In k _ € 

dT liT^ 


(19) 


It is therefore assumed that it- is necessary for reactants to absorb 
energy before the}^ can go over to the products, whether the heat 
content of reactants or of products is the gnaatiu’. This energy is 
known as the heat of activation, hbr leactions that go slowly in 
both directions, the heat of activation is generally much larger than 
AH for the reaction, and it is not related to AH excei)t by t he condi- 



368 


BATE FACTOR IN CHEMICAL BEHAVIOR [Ch. VIII, §37] 


tion that is the difference of the heats of activation of the forward 
and backward reactions. 

fc _ € {)roportional to i.c., k = 

dT HI ^ 

Insofar as the differential equation is accurate, tlu^ proportionality 
constant is independent of the temperature. It is often called thci 
temperature independent factor. Every reaction rate has two 
characteristic constants; the temperature independent factor and 
the heat of activation. Actually neither h nor e is quite independent 
of the temperature, but they are sufficiently so for practical purposes. 

In the corresponding equation for an equilibrium constant, 

K — the proportionality constant is so that^-^ — 

1)2 

where hi and 62 are the temperature independent factors of the 
velocity constants of the forward and backward reactions and AaS is 
the change of entropy in the reaction. The quantity h is therefore 
related to probability. 

To account for the above relationship of rate and temperature, 
Arrhenius^ proposed the theory of an activated intermediate. The 
reacting molecule or molecules first react to form a high energy inter¬ 
mediate which passes over to the products with loss of energy. In 
this theory the second step has been assumed to be the slower or 
master reaction, and hence k = Kaka , where Ka is the equilibrium 
constant for the change Reactants —> Active Intermediate, and ka 
is the rate constant for the reaction Intermediate —» Product. There 
are certain difficulties in the theory that the intermediate is an actual 
compound. For instance, if we write ki == Kaka and k 2 = Ktkh for 
the rate constant of a reaction and its reverse, then 


Ka _ _ ki 

K^'~ “ ^ 


Ka ka 


and ka — ki ), 


but kh is the rate constant of the de-activation of the intermediate to 
reactant, which we have to assume to be large with respect to ka in 
order that the intermediate shall reach an equilibrium rather than a 
steady state. The theory would then require that the velocity con¬ 
stant increases as equilibrium is approached, but for many reversible 

dx 

reactions the rates are given over a wide range by - 5 - = kiV\ — 

dt 

where Vi and V 2 are functions of the concentrations of reactants and 


3 Arrhenius, S., Z, physik. Chem.j 4, 226 (1889). 
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prodii(‘ts, rosi)(H*iiv(dy.- Thovso difficulties are now avoided by not 
considering the int(‘rmodiate as an ordinary compound but as a state 
of the molecules defined by their internal energy. It is then assumed 
that, in order for a molecule or system of molecules to react in some 
given way, its internal energy must equal or exceed some critical 
energy. There are therefore two energies associated with a reaction, 
the critical energy and the heat of activation. The critical energy 
can b(^ defined as above. Its definition is then in terms of a theory 
of reaction, and by dc'finition it is independent of the temperature. 
The h(mt of activation can be defined in many ways, but about the 
simplest method is to define it by the equation 

* = RT\ (19a) 


A definition of the heat of activation then depends on the mathe¬ 
matical law which is derivc'd from the assumption of the necessity 
of a critical energy. One of these definitions is that it is the difference 
between the average energy of activated molecules and the average 
energy of all molecules. In this definition it is not quite clear what 
is meant by an activated molecule. An activated molecule could 
be one with enough eiKTgy to react, or one that meets this and other 
requirements for reaction. By the above definition, the heat of 
activation is independent of the temperature only to the extent that 


dh\k 

dCl/T) 


is constant. 


37a. Unimolecular reactions. Several gas-phase unimolecular re- 
acti(ms are known. Most of these are decompositions or isomeriza- 
tions and follow very closely the law k — The importance 

of obtaining unimolecular reactions in the gas phase is that we then 
know that the rate constant is independent of the concentration of 
any species of molecule. In a unimolecular reaction in a solution, 
we cannot tell whether the reaction is or is not dependent on the con¬ 
centration of the solvent except insofar as that could be assumed if 
the rate is independent of the nature of the solvent. It has been 
shown that these reactions acquire energy of activation from colli¬ 
sions. The number of collisions per unit volume per second varies 
with the square root of the temperature, but this change with tem¬ 
perature is small with respect to the change of reaction velocity and 
so is a poor test of whether the collision rate is or is not a factor in 
the rate. However, there is a much better way of showing that the 
velocity constant does not depend on the collision rate. The latter 
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(l('{)(Muis on IIh' s(jiini‘(‘ ol 1 Ih‘ conconlndion wf inokanilc's and is tl»(‘ 
sarnc' for a?iy kind of inol<‘(*nl('s of tin' sain(‘ size. Ilnnce, if the rate 
of a uniinoka ular i‘(\i(‘(ion d(‘)>('nds on tlu' fro(|U(‘ney of eollision, the 
rate eons!ant \\<>iild iiuac'asc' witli pressnrcy whether |)rodueed by 
reaelani or (‘xt rafK'ous rnoltaailcvs. As tliis eonstaiit is independent 
of pi'(‘.ssnre (‘\c('pt at ^’(ay low pressunx the activated state is an 
Arrlxajius inf(‘j-in(Hliaf(‘, and has a much greatca c*hanc(‘ of returning 
to a normal niokaailc than of d('roni[)osiiig into th(' products. 

In th(i pi-eceding sca'iion \\c poiutc'd out, th(‘ difficulty of considering 
an active isomer as an Aniumius internKaliatc. This difficulty does 
not (‘xist in Limk inann’s {‘oma^ption of 1 h(‘ activated molecule.^ He 
assunu^s it- to Ix^ a mokamle (hat has sufficicmt internal energy in all 
its degrees of frcaalorn to allow it to naict, but, unless this energy 
accumulaU's in th(‘ right degna' of fre(‘dom befota^ it is dissipated to 
oth<‘,r niolecules by collisioiis, th<‘ molecuk^ does not form products 
but niei’f^ly returns to the starting point. It is assumed that the 
chaiua' of an activatcal mokaaile losing its energy to other molecules 
and returning to its original state is large' with resjiect to the chance' 
e)f the eneugy accumulating in a. eie'gree of fre'exlom that permits re¬ 
action. The' re've'rsible' redaction A ^ B earn tlie'ii be represented as 

ki k:i hr, 

A A' ^ B' B, wher(‘ A' an<l B' re^pre'sent moleamles with their 

/i2 \ hi\ 

eiK'rgie^s sei elistributeal that A' neirmally re^t urns te) A anel B' to B. 

The' rate' of A B is t he'ii kulA] e)r /v«/r;{fA], and the rale of the 

k‘2. 


reverse' re'ae*tie)n is kJB] e)r f\hkA[B\. 

h 

AiThenius inte'rmediates. 


These' are rat^e eepiations for 


Whe'ii, as in the eiiiginal Arrhe'uius conceptie^n, A' and B' are treated 
as a single' substane'e, the' ratio of the equilibrium constants of A 
and B witli the' intc'rme'eliate has to eepial the equilibrium constant 
of the' reaction A —> B, anel the de^-activation to A becomes the slow 
step in the reaction B A, while the de-activation to B becomes 
the slow step in the re'ae*tion A B. This leads to a self-contradic¬ 
tion; i.e., te> maint ain an Arrhenius intermediate, one rate constant has 
to be assumed l)oth equal to and larger than another one. When 
the slow step in the reaction is the redistribution of the energy in the 
molecule, this contradiction is not met, whether the reaction is uni- 
molecular in both directions or is a unimolecular decomposition. 


* Lindernann, F. A., Trartfi. Farad. Foe.., 17, 599 (1922). 
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When the rate of the unimoleoular reaction is put equal to Kah[A ], 
Ka is the fraction of the molecules that have enough cuiergy to react, 
and this fraction is when‘ €c is the critical energy. But. is 

not necessarily independent of the temj^f'rature, for the probability 
of the activated molecule reacting instc'ad of being de-ac‘tivated in¬ 
creases with the energy of the molecule. In consequence', the h(‘a( 


of activation as dc'.fined by th(^ equation e 


(1 In k . 

Rl IS greater 


than the critical energy. Expressions have been deriveal tlieoretically 
for the chance of the n^action occurring as a fuiu'iion of the degixa' 
of activation of the molecule, and com})lex cfiuations for the uni- 
molecular reaction have been obtaineHl/’ Tlu'sc't heorie's are bc'yond 
the scope of this l)ook. In general, the sim])le ('(piation k — 
is as close an approximation as is warranted by tlie accuracy of 
measurement. The valiK'of € determined f]*om the experimcmtally 
measured temperature coefficient of the rati' constant is Ixa.tf'r not 
identified with the critical energy, but may be (*all('d the heat of 
activation. 

If the heat of activation can (*xcoed th(^ critical energy, then the 
heat of activation for tlu^ bi*eaking of a bond can (‘xceed the bond 

energy. From the requircanent that = K, we can furt her deduce 

K'-> 


the possibility that th(" formation of a l)ond could be a reaction witli 
a heat of activation. The dissociation of hexapluniyleihane has been 
found to have a greater t(*mperature (X)(dfici(ait than (jorresponds to 

the expression -= 6/727'“ if e is put ('ciual to the heat of the 


dissociation. This dissociation is accompank'd by large changes in 
resonance, and it could well be that then^ is an ('ru'igy barrier between 
the products of dissociation and tlu' original com])ound. 

With decrease' in pixissure, the chance that an activated molecule 
will lose its energy decreases more rapidly than the chance of the en¬ 
ergy becoming so distributc'd as tx) allow a reaction to occur. Conse¬ 
quently, at low pressures the rates of unimolecular rc'actions cannot 
remain independent of the pressure. The activated molecule tends 
to become a VanT Hoff intermediate, and the rat e to depend on the 
collision frequency. This corollary of Lindemann’s theory has b(H*n 


6 See Kassel, L. S., 7, Phys. Chem.., 32 , 225, 1065 (192<S); Riee, O. K., and 
Ramsperger, H. C., J. Am. Chem. Soc., 60, 617 (1928); Rice, O. K., Proc. Nat. 
Acad. Sci.y 14, 118 (1928). 
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experimentally observed by Ramsperger® and others. The best 
example is the decomposition of azomethane. The rate of this de¬ 
composition varies with the pressure in close agreement with the 
theories of Rice and Ramsperger. 

37b. Bimolecular reactions. The rate of a primary bimolecular 
reaction depends on the rate of collision of the reactive molecules. 
The number of collisions between the spherical molecules A and B 
per cc. per second is given by the equation 

, ( 20 ) 

where and tib are the numbers of molecules per cc. for A and B, 
respectively; cta.b is the sum of the radii of A and B; ixab is the reduced 
mass of the molecules A and B\N is Avogadro's number; and RT 
expressed in ergs. Should A and B be the same, the expression on 
the right-hand side should be divided by two, since it is the number 
of molecules of A multiplied by the collision rate of one of them with 
molecules of R, and if A and B are identical this method would count 
every collision twice. Since a collision of molecules at unreactive 
points would be very unlikely to result in a reaction, (Ja,b is better 
considered as the sum of the radii of atoms directly concerned in 
the reaction. 

The dependence of Z on the temperature is negligible with respect 
to the change of rate of a bimolecular reaction. The bimolecular 
rate constant changes with temperature in much the same way as a 

unimolecular constant, being approximately . It may be 

dl 

assumed, therefore, that the energy of a reacting system whether 
composed of one, two, or more molecules must exceed a critical value, 
€c , for the reaction to occur. In a bimolecular reaction this energy 
can be taken as all obtained from the collision. It is then the sum 
of the kinetic energies of the molecules as measured by an observer 
who is at rest with respect to the center of mass of the two molecules. 
It may also be expressed as where m is the reduced mass and v 
is the relative velocity parallel to the line joining the centers of the 
molecules. 

The fraction of collisions that meet this energy condition is 
If only collisions and sufficient energy are the requirements for a re¬ 
action, the rate in molecules per cc. is and the velocity con- 

• Ramsperger, H. C., J. Am. Chem. Soc., 49, 912, 1495 (1927). 
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stant in moles per liter is 

To 

e , 

and the rate of change of k with T is given by the equation 


, 2 / Stt/U V 

“ fooo''^'" liWJ 


d In fc _ 1 €c 
~dT~ “ 


( 21 ) 


For reactions that are slow enough to be measured, 1 /2T is generally 
negligible with respect to €c/RT^. 

Even if we take (Ta,b of such dimensions that collisions at unreactive 
parts of the molecules are ignored, the rate cannot equal 
unless all collisions involving the reactive molecules are effective in 
producing a reaction. Since <ta,b in those cases would not vary very 
much from one reaction to another, the rates of bimolecular reactions 
would be governed only by the values of . This is not true for 
reactions in liquid phase, even when the reactions are very similar 
in type and involve molecules of nearly the same size. Thus the 
reaction CH3CH2CH2CI + I” —^ CH3CH2CH2I + CF in acetone so¬ 
lution has the same heat of activation as the reaction 


CH3COCH2CI + r CH3COCH2I + Cl¬ 
in acetone solution, but the latter reaction is about 30,000 times as 
fast as the former. 

Similarly, the relation Rate = can be directly tested from 

measurements of the rate and its temperature coefficient. It is 
found that this relation leads to fairly reasonable values of (Ta,b for 
bimolecular reactions in the gas phase and for certain types of re¬ 
actions in the liquid phase; e.g., 

Rl + RO- ROR + I“. 

However, in general, reactions in liquid phase would need absurd 
values of (Ta,b to fit the law. It is not uncommon that a reaction rate 
is less than one millionth of what would be calculated if <ta,b were 
taken as the sum of the radii of the molecules. It is thus apparent 
that for a reaction to occur it may not only be necessary for the 
resulting molecules to collide with a necessary energy, but also that 
some other condition must be fulfilled during the collision. Pre¬ 
sumably it is necessary for the atoms to get into a configuration 
favorable for reaction before the colliding molecules rebound. For 
each reaction there is a probability that this condition will be met. 
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It is therefore necessary to introduce a probability factor, charac- 
teristic of the particular reaction, into the expression for the rate 
constant. The rate constant in moles per liter per second for a bi- 
molecular reaction then becomes 


, _ NP 2 / 
■ 1000 




( 22 ) 


or, if A — B, 


k = 


N P 2 m\ -^clnT 

1000 2 \JVM j 


where P is a constant for the particular reaction. As P is assumed 
to be independent of the temperature, its inclusion does not alt(‘r 
d In k 

the value of • We need not go into the (question of whether 


P or € is entirely independent of the temperature. 


to say that measurements of seldom vaiy from 

(il ^ I 11/ J ^ 


It is sufficient 
to 


an extent greater than can be attributed to experimental error. 

Equation 22 was developed on the assumption that €c is the energy 
of a special ccmfiguration of the pair of reacting molecules. The 
special configuration is supposed to be the lowest energy arrangement 
which can spontaneously react. The alternative is that Cc is not a 
critical energy but a heat of activation, i.e. the difference in average 
heat content attained by molecules that are about to react and the 
average heat content of all the molecules. We shall, throughout the 
rest of this book, assume the latter to be the case. Actually there is 
not mu(ffi evidence on this point. The evidence for this energy being 
a critical energy is that in many reactions the probability factor is 
unity. This may mean that these are reactions for which the prob¬ 
ability is veiy small when little more than sufficient energy has been 
acquired but becomes large at higher activation energies. There¬ 
fore, most of the reaction occurs with high enough activation energies 
to remove other restrictions to a reaction. 

The evidence for the theory that e is not a critical energy is that 
in many reactions the probability factor is very small, indicating 
that there are very restrictive prerequisites for a reaction other than 
sufficient energy. Again, a structural change that might well be 
supposed to introduce a stabilizing resonance in activated molecules, 
as for instance the introduction of a doubly bonded system on one 
of the atoms of the reacting bond, often greatly increases the rate 
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without decreasing the activation energy. The effect of pressure is 
also of interest in this connection. The rate constants of many 
simple })imolecular reactions arc increased by pressure. When this 
occurs, Hie activation energy is sometimes increased and sometimes 
decreased.^ Thus at 3000 kg./cm^ the esterification of acetic anhy¬ 
dride is seven times its normal vSpeed, and the heat of activation is 
3.0 kcals. less than its value at one atmosi)here. On the other hand, 
the (lualernization of pyridine hy w-butyl bromide is eight times as 
fast, but the activation energy is 1.4 kcals. higher at 3000 kg./cm^ 
than at one atmosphere. The critical energy considered as the 
lK)tential eruTgy of a special configuration is not affected by pres¬ 
sure, so that the opposit(‘ effects in the two reactions would have tf) 
be attributed to opi)ositr‘ effects of pressure^ on the heat contents of 
the two j:)airs of reactants. If e is considered as the aA^erage cuiergy 
difference betweeji reacting and other molecul(\s, the difference is not 
surprising, for pressur(‘ must produce great differences on the prob- 
a})ilities of reaction of different configurations. Where the prob- 
[ibility is Ioav, as in the (piarternization, the inaction is already oc¬ 
curring through low energy configurations and pressure is apt to 
increase the proportion of reaction by higher energy forms. The 
higher probability and higher actuation energy of the esterification 
sugg(»sts an increase in reaction by pressure through lower energy 
forms, and a consequent decrease in activation energy. 

37c. The temperature coefficient of a complex reaction. A reac¬ 
tion may be the result of successive steps. The rate constant is 
then a function of the rate constants of the steps and their reAmrsals 
up to and including the step that is so slow that what happens 
afterwards does not affect the rate of the reaction. The temperature 
coefficient of the overall reaction can be deduced from those of the 


component steps. 


Thus in the reaction A 


Jc2 


k2, 


k = 


^2 


and the heat of activation is 6 i — €2 + C 3 = AHb + € 3 , where AHb 
is AH for the reaction At=^B; but \i kz > k2, k — and 

the heat of activation is equal to €1 . When kz and /c 2 have the 
same order of magnitude, the overall heat of activation lies between 
AHb + €3 and €1 . 


^ Perrin, M. W., Tram. Farad. Soc.^ 34, 144 (1938), 
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The rate law often includes powers or roots of systems that are 
the reactants of a preliminary step. Thus, for 

A&2B, she, and for A +2Bz±C, 2 C D, 

the rate laws are, respectively, 

if k 2 ^ fe. In these cases the heats of activation arc obtained by 
multiplying those of the preliminary reactions by the indices which 
their rate constants have in the rate equation and adding this prod¬ 
uct to the heat of activation of the master reaction. Thus the heats 
of activation for the two exampk^s cited are 

e — — ^€2 + C 3 = 2^H + €3 

and 


€ = 2€i — 2€2 + €3 = 2AU + € 3 , respectively. 

38. TRANSITION STATE 

The concepts of an activation energy and a probability factor for 
a reaction suggest the idea that there is an intermediate formed in 
every reaction. The intermediate cannot be an ordinary compound, 
and for this reason it is known as a transition state rather than as an in¬ 
termediate substance. On the other hand, it is not merely a collection 
of reactant molecules having energies greater than some given value. 
In discussing unimolecular reactions we saw that it was not sufficient 
to get the requisite energy; it was also necessary that this energy be 
distributed in a special way for the reaction to occur. Similarly in a 
bimolecular reaction the energy of activation alone is not sufficient, 
but a particular range of atomic configurations is also needed. If 
we imagine all configurations and modes of motion depicted in some 
many-dimensional space, some domain could be identified as the 
transition state, distinct from the domains of reactants and products. 
The domain of the transition state would have extension in all dimen¬ 
sions but the one repn^senting the reaction path. In this dimension 
it is a point, and in this sense the transition state cannot be con¬ 
sidered as a substance. The two-dimensional analogue of this pic¬ 
ture is a line for the transition state, separating two areas for the 
reactants and products, respectively. 
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Th(^ {joints of likenoss of the transition state to an ordinary sub¬ 
stance has suggested giving it the properties of free energy and 
entropy. If a certain velocity of passage across the transition state 
is imagined, and called v, and an equality of passage is assumed in 
both directions, a rate constant can be expressed as 

or as k == 

where AFr, AHr , and ASr are the usual thermodynamic quantities 
for the reaction Reactants —> Transition state. This ecjuation ob¬ 
viously satisfies the requirement that Tv = where K is the equilib- 

k2 

rium constant and ki and k 2 are the rate constants of the reaction 
and its revc^rsal. This equation identifies the heat of activation with 
a AH at the temperature of the reaction and hemce permits variation 
of the heat of activation with temperature. 

The advantage of this thermodynamic treatment is that, knowing 
the origin of the transition state, we know something of its properties. 
For instance, if the reaction is one between similarly charged ions, 
the transition state has a charge equal to the sum of the charges of 
the reacting ions and AFr for Reactants —Transition state is de¬ 
creased by addition of salt to the solution, and the reaction rate is 
increased by salt. 

The energies and configurations of reactants, products, and transi¬ 
tion state depend on the laws of bond formation, so that if these 
laws could be fully formulated we could picture the whole process of 
reaction. Although we are very far from this state of knowledge, 
we can use what we know about the interactions of atoms to picture 
the transition state and the process of reaction. We shall consider 
the transition state and the reaction from two points of view. First, 
we will consider them on the basis of the concepts of the Lewis 
structural theory with the inclusion of the postulate of resonance. 
This theory is essentially qualitative, and the resulting picture of 
reaction is qualitative, and must remain so unless empirical formulas 
for bond formation, molecular repulsion, and resonance are intro¬ 
duced. As the second point of view we shall consider the applica¬ 
tion of quantum mechanics to the problem. Here it is possible to 
use equations that are formally quantitative. Actually the problem 
is too complicated to obtain more than a qualitative picture from 
quantum mechanics. By introducing empirical equations, some in¬ 
crease in accuracy is obtained, but even then no great advance has 
been made. The rest of this section should be considered as qualita-. 
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tive rather than quantitative, even though the language may have 
an occasional quantitative timbre. 

Let us consider a reaction between a saturated molecule .4— B 
and an unsaturated one, C. The reacting system A — B + C is 
distinguisluHl from the resulting system A + B—C ])y the relative* 
distance of B from A and C, respectively. In all arrang(‘mcnts of 
A , /?, and C the alternative bond arrangements A — B C and A B—C 
contri])ut(*, but the former is more important, when B is near A and 
far from C, and the latter when B is nearer C than A . dliis resonance 
decreases the eiu'rgy of the system, but its (*ff(*ct is small in eitheu' 
extr(*me atomic configuration, that of reactants or that of resultants. 
Th(^ resonaiK'o (uiergy can be increased l)y ])ulling B from A towards 
C or pushing C towards B. ddie first of tliese ])ro(*(‘SS(‘s r(‘quir(*s work 
against the bond; the s(*cond requires woiL against the* n*pulsive 
forces {)etwe(‘n the molecules. 

If for all configurations of .4, and C the work done in stretching 
th(‘ bond and that done in compressing the molecuk^s are togeth(*r 
greater than the iiK'rease of the energy of the r(‘sonance (A — B C, 
A B —C), therci is a complete energy barri(*r l)etw(*(*n reactants and 
products. For each s(*paration of A and (7, B can take a position 
for which the bonds A — B and B — C are equal. Whc'ii this condition 
is reached, there is no force on B driving it to A or to C. The aggre¬ 
gate of these configurations which fulfill this last condition can be 
called the transition state. It is necessary to pass through th(* 
transition state to get the reaction A — B -j- C A + B — C or its 
reversal. 


There is a transition state configuration that has a minimum 
energy. The energy of this configuration less that of A—B with C 
far away is the critical energy for the reaction A—B + C A -\- 
B — C. This critical energy must be reached or exceeded for the 
reaction to occur. The heat of activation as measured by the 

equation difference between the average energy 

of molecules passing through the transition state and the average 
energy of the reactants. 

We shall assume that we are dealing with a system that maintains 
a constant number of unpaired electrons and is not interacting with 
light. The potential energy is then determined by the relative posi¬ 
tions of the atoms, as the electrons reach their most stable arrange¬ 
ment much faster than the atoms move. The potential energy of 
any configuration in which B is more bonded to A than to C, measured 
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from the starting point A—B (equilibrium distance) and C (at in¬ 
finity), is the sum of the energy necessary to separate B from A against 
the bond force and that needed to force C near to A and B without 
bonding, minus the energy obtained from the resonance resulting 
from the alternative bond arrangement A B — C, The potential 
energy of a configuration with B bonded more to C than to A is 
composed of the corresponding energies measured from the starting 
point A and B — C. It will be assumed tliat the easiest way to get 
A, B and C close together is to have them in a linear configuration. 

With the aid of this theory of the factors on which the energy of 
the reacting system depends, w(' have constructed a diagram (se(‘ 
Figure 48) showing how the potential energy changes with th(^ 
(‘onfiguration. The abscissa gives the distance between A and B, it 
being assumed that B moves along the bond towards C. The ordi¬ 
nate is the ('uergy of the system. Each of the curves L , I 2 , etc. is a 
graph of the energy against the distance between A and B, t he dis¬ 
tance between A and C being fixed. Each of the curves corresponds 
t ;0 a differc'nt distance between A and C. This distance is succes¬ 
sively less from Ii to I 5 . Curve Ii is for the case in which the effect 
of C on A—B is negligible. 

Each curve shows two minima. These minima represent the re¬ 
actants (A—B C) and the products {A B —C), respectively. As we 
l)ass from curves Ii to I 5 , the minima are situated at higher energies 
on account of the repulsion between A—B and C for the minima on 
the left and that between A and B—C for the minima on the right. 
The distances between A and B are shown in the diagram, so that 
the line joining the right-hand minima shows the energy of repulsion 
between the products as a function of the distance between the 
molecules in the product, measured from the center of A to the center 
of B in B —C. This curve has been drawn in the diagram and is 
curve II. The corresponding curve for the energy of the repulsion 
of the reactant molecules does not appear in the diagram, but the 
left-hand minima are slightly displaced from the perpendicular to 
indicate an effect on the bond distance of A—B when C is near. 

Between their minima, curves Ii to Is rise to maxima. At these 
maxima B is held equally by A and C, and the points represent 
transition states between reactants and products. Curve III is a 
line joining the maxima. It is a graph of the energy of the transition 
state as a function of the distance between A and B, The minimum 
of this curve gives the lowest energy for the transition state, and its 
height above the left-hand minimum of curve Ii is the critical energy 
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of the reaction. Curve III shows the energy for a vibration of the 
transition state in which B remains fixed and A and C move simul¬ 
taneously towards and then simultaneously away from B. This is 
one of the vibrations in which the transition state can behave like a 
stable molecule. That it is not a stable molecule can be seen from 



Figure 48. Potential energy curves for the reaction A-B -f C 
A + B-C for a number of limiting conditions. Each of the curves 
Ii , I 2 , Is, L , and I 5 corresponds to the motion of B from A to C 
for a fixed distance between A and C. The other curves are derived 
from these as explained in the text. Except for curve IV, they 
correspond to cross-sections of surface shown in Figure 49. 

the downward slope of the potential-energy curve corresponding to a 
displacement of B either towards A or C. 

In this figure A, R, and C have been assumed to lie in a line. This 
is the most advantageous arrangement, for it allows B to bond with 
A and C with a minimum of interference between A and C. One 
can construct similar diagrams with any angle between the lines 
A—B and B —C. In these diagrams, curves corresponding to III 
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lie at higher energies. The minimum of curve III therefore lies at 
the bottom of a pit. There are, therefore, elastic forces in a transi¬ 
tion molecule that tend to make the molecule linear. It should be 
noted that the tendency of the transition state to be linear will be 
diminished by the presence of any interactions other than those 
between the three atoms concerned in the reaction. 

The steepness of the walls of curve III is related to the probability 
factor of the reaction. The probability is low when the walls are 
steep. The same is true of the pit which would replace this curve 
if the angle of approach of C were included in the picture. 

Curve I 3 has its maximum at the minimum of curve III. The 
lowest point on the energy barrier between reactants and resultants 
lies on (uirve I 3 , and a reaction occurs with the minimum of activa¬ 
tion by passing through this point. An imagined course of the re¬ 
action is traced by arrows. From the left-hand minimum of curve 
li the energy rises to the minimum of curve I 3 as C approaches 
A —/?. The energy then rises along curve I 3 as B moves towards 
C. From here the reaction proceeds spontaneously with loss of 
energy, at first along curve I 3 by the motion of B towards C until the 
second minimum of curve I 3 is reached, and then along curve II by 
the repulsion of A from B — C until B — C is independent of A, i.e. 
at the second minimum of curve Ii. Of course this is merely a 
formal separation of the reaction into stages; presumably these stages 
would not be separate in an actual reaction. Nor would it usually 
proceed by this most efficient path. The average reaction would 
probably pass through a somewhat higher energy portion of the 
transition curve. 

If Cn is the energy of a point on the In curve corresponding to a 
given separation, g, of A and By with C at the distance characteris¬ 
tic of the In curve, and €1 is the energy of a point on the Ii curve 
corresponding to the same separation, qy with C far away, and €« 
and c? are minimal energies of the two curves (In and Ii), then the 
quantity €n + 6 ? — €1 — e® is the energy of the resonance (A—B (7, 
A B —C) with B at the distance q from Ay and with C at the dis¬ 
tance characteristic of the In curve, neglecting the small resonance 
present even when A and B are separated by their normal bond 
distance. Curve IV is a plot of this quantity for the left-hand limb 
of curve I 3 . The energy at a point of this limb of curve la is the 
sum of an A — B bond energy shown in curve Ii, the resonance 
energy shown in curve IV, and a repulsion energy whose curve is 
not shown in the diagram but is very similar to curve II. 
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The critical ciu‘rgy depends on the repulsive energy between A — B 
and C, the bond energy of A — B and tlie lowering of energy by 
resonance. Btrcnig r(‘pulsions and high bonditig ('nergies mean high 
critical energies, but strong resonance at small se| 3 aration of A and B 
results in low ci’itical ellergi(^s. The stronger the bond between B 
and C, th(^ moi'e rapidly will th(' resonance inenvase^ with separation 
of A and B. T.ow criti(‘al energies and Cast naictions an^ t luai asso¬ 
ciated with a reagtait that (*oinbines strongly with R, and slow reac¬ 
tions are ])robab]e wlnai B is already strongly combinc'd. 

It is only at separations corresponding to t in? maximum of curve h 
that the ])ond eiun-gies of .1—R and R — C determine the critical 
energy. At gr(‘at(‘r s('paration these* bo/ul energies detea’inine the 
shape of the transitioTi curve (III), and the probability of the reaction. 
Thus if curve Ij were' drawn flatter at, the top but Tiot (‘hanged for 
smaller separations of A and R, the maximum of (uirve I.*? would not 
be changed, but th(‘ maxima of curv(‘ Ii and T would b(‘ lowen^id. 
The reaction cornssponding to such a. curve would haAa* the same 
critical enca-gy as that d(^])ict,(x] in Figure 4 <S, but would hnvc' a higher 
probability, Curv(‘ T is a tyf)ical Morse curve' juid its shape is 
characteristic of energy curves for th(' dissociation of diatomic molo 
cules, but the curves for complicated organic molc'cuk's, especially in 
the presence of solvents^ and [)ossibly dissociating into ions, may 
have veiy diffenmt shapes. Th(‘ reaction rate is t hen'fon' not deter¬ 
mined by the critical energy nor by tlie bond energi(\s discuss('d above. 
It must depend in a compli(^at('d way on the entire functional relation¬ 
ship between energy and configuration, and such functions cannot 
be universally depict/cd by a set of curves varying in only a few 
parameters. 

The transition state and energy barriers can also be shown by an 
energy contour map. Figure 49 is such a map drawn to correspond 
to the graphs of Figure 48. In this map the distanc(\s of B and C 
from a fixed A are the coordinates. The line III is the transition 
state and separates the field into two [)arts: that on the left is A — B C; 
that on the right is A B —C. The length of III between cemtour 
lines is a measure of the probability factor of the reaction. The 
lowest energy contour line touching III is the critical energy of the 
reaction. 

The same formal course for the reaction indicated by arrows in 
Figure 48 is shown by arrows in the contour map. An actual course 
for the reaction would be quite different. When C meets A —R, B is 
not at rest. It may be moving away or towards A , and may change 
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its direction of motion more tlian once during the ap])roa(‘h and 
se})arat ion of A and C. Similarly, the change from kinetic to [)oten' 
tial energy and ]>ack do(\s not occur in the regular way shown by 
the arrows, as the int(‘i'(‘hangf‘ of kinetic and potential energy of B 
does not keep in ste]) with that of C. The system zig-zags its way 
across th(‘ contour ma]) during th(‘ reaction. Further, during th(‘ 
collision, (auTgy may pass t.o or from the other degrees of freedom 
and still furtlaa' coniplit^ate tin' situation, ddiis randomness is a 
just/ification for* assigning an (mt.ro[)y to the transition state. 



Figure 49. Potent ial energy .surface for the reaction A~ B C A -h B C. 
The Ronian numher.s rc^j)re.sent th(‘ section.s whose contours are shown in 
Figure 48. 


Contour enc^rgy ma{)s of this type arc generally drawai with the 
central atom stationary and the two dimensions are the distances of 
A and C, respectivc'ly, from B, We liave taken A as fixed, so that 
any section parallel to the B axis gives an Ii curve in Figure 48, by 
plotting the contour energies against the distance along the section. 
If the same thing is done for a section of the almost vertical ravine 
on the left-hand side of the map, an energy curve for the repulsion 
of C by A—B can be obtained. Curve II of Figure 48 can be ob¬ 
tained from a section along the slanting ravine on the extreme right, 
and curve III of Figure 48 can be drawn from the section along the 
saddle marked III in Figure 49. 
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39. MOLECULAR ASSOCIATION 

In preceding chapter8 we have assumed the association of mole¬ 
cules by a hydrogen bond to be a resonance phenomenon. The 
formation of these and other molecular associations should be under¬ 
standable in terms of a reaction theory that includes the resonance 
principle. 

In order to simplify the discussion of the reaction A—B + C 
A -h B —C, we neglected the energy of the resonance (A — B C, 
A B —C) where B is at its equilibrium bond distance from one of the 
other atoms. Actually this resonance has a finite energy for all 
distances. This means that the repulsion curve II, Figure 48, in¬ 
cludes a small resonance effect, and the resonance curve (IV) gives 
the change in resonance energy as B is moved from an equilibrium 
point, rather than the whole resonance energy. If we do not neglect 
this resonance, the repulsion curve (II) should be drawn with a 
shallow minimum, as the forces of attraction (coulornbic and reso¬ 
nance) are more persistent than those of repulsion. This minimum 
should be situated at a separation of A and B—C where the repulsion 
is negligible, but small attractions (van der WaaFs forces) are 
still left. 

In a reaction for which the repulsion curve is less steep than that 
shown in the figure, the repulsion is negligible at a smaller molecular 
separation. From this it follows that the residual resonance energy, 
the increase of energy on infinite separation, and the depth of the 
minimum in the repulsion curve are all greater in the new case than 
in the old. If these phenomena are sufficiently extreme, a definite 
compound of A and B—C is obtained. There are two molecular 
associations, A—B • • • C and A • * • B —C, and they are separated 
by an energy barrier and a transition state. 

The factors—low repulsions and high resonance energies—that 
tend to produce these molecular associations are those that lower the 
energy barrier so that if two isomeric molecular compounds 
-4 —B • • • C and A •• • B — C existed, the change from one to the 
other would be rapid, and the separation of the isomers would be 
difficult or impossible. 

The restoring force excited by the displacement of a bonded atom 
is at first proportional to the displacement (Hooke's law); then it 
increases less rapidly and reaches a maximum; thereafter it decreases 
with the displacement. As a first approximation, the forces on B 
in the system A—B + C —> ^4 + with A and C stationary. 
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can be taken as the resultant of the A — B and B —C bonding; forces. 
Unless A and C are very close to each other, the net force on B 
becomes zero at three places in the displacement from the normal 
A — B bond distance to the normal B — C bond distance. Two of 
these arc positions of stable equilibrium with respect to the motion 
of B, and correspond to slightly displaced A—B and B—C bonds. 
The third is a position of metastable equilibrium and corresponds 
to a transition configuration. From this it follows that, in the 
molecular association A — B • • • C, the separation of A and B is 
slightly greater than it is in A —R. 

However, if A and C are sufficiently close together, it is possible 
to have a configuration such that any displacement of B results in an 
increase of energy. This configuration is one of stable equilibrium 
with respect to a motion of R, and it is the only stable or metastable 
equilibrium that can be obtained with the given distance between 
A and C, This case corresponds to an curve that has only one 
energy minimum and no maximum. Curve U , Figure 48, approxi¬ 
mates but does not quite reach this condition. If the reactants and 
products are so anomalous that A and C, when brought sufficiently 
close to give a single stable position for R, do not excite stronger 
repulsions than can be compensated by resonance or other attrac¬ 
tions, there is only one stable configuration of .4, R, and C. This 
is a molecular association that is neither more nor less A —R • • • C 
than it is A • • • R— C. Further, between A —R + C and A + R— C 
there is no transition state. Reactants and products are the results 
of two modes of dissociation of the compound ABC. 

Every substitution reaction implies a molecular association, and 
we can separate the reactions into three types. In the first the 
association is so weak that the association corresponding to any 
particular reaction is lost among those corresponding to the numerous 
reactions possible to any assembly of molecules. In the second the 
association is strong and forms definite molecular species. There are 
two associations—one of reactants and one of products—though 
either one of these may be weak. Between these two associations a 
transition state exists. The third type is also a strong association, 
but only one compound exists, and there is no transition state. The 
compound has, however, two sets of dissociation products, corre¬ 
sponding to A —R C and A B — C. 

The chief deductions that can be made concerning a molecular 
association and the reaction that has been assumed for it are (1) 
that if the association is strong, the reaction from which it is derived 
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is fast, (2) that the atomic configuration of th(' molecular association 
is one that would favor the reaction, (3) that tlie atomic distances 
are greater than normal bond distances, (-1) that, if tlu' reaction lias a 
transition state, there are isomeric assoeiations for unsymmetri(‘al 
reactions and, in j)lace of isomerism, a non-centi’al position of the 
intervening atom if the reaction is symuK't rical; e.g., A—B + A ^ 
A + B — A, and (5) that if the n^action has no iransition state, there 
is no isomerism but, instead, a centrally ])lac(‘d atom for a. sym¬ 
metrical reaction. T'nfort.unately lh(‘ !(‘lationshif)s ( I) and (5) which 
distinguish t}u‘ two types of strong associations are often beyond 
actual experimental li'st. Lack of isonc'rism is only negative' c'vi- 
dence, and in cases wlu're low energies ar(‘ to b(‘ <'\p('cted for transi¬ 
tion states it is (piite unconvincing. A few example's of th(‘S(' deduc¬ 
tions are given below. 

Substitution reactions of hjalrogen inv genei*ally fastc'r than those 
of rnetliyl, so that wo would not exp<'(*t. the compound CFhF 2 ~ from 
the reaction F—CILt + F^ + (TI.-^—F, Imt do ('xpect HF 2 “ 

from F—FI 4- V~' + IFF', Triiodide ion is prol)ably derived 

from I” + 1—I -1—I + T " am] slmuld ]>e linear. If 7?3Nl2 is 

+ 

d(u-ived from + 1—I /f.jM + I", then the structure is 

+ S" 

\—j—p Puf, if reaction is I—Xfih 4 J~ 1“ + N/^sI, the 
structure is 

1 

F'his has never bc'c'ii t(^sted, but the foi'iner is by far the more prob¬ 
able of the alternatives. FFie distancfis betw(*en atoms bonded by 
protons, are great er than the sum of the covalent radii of the bonded 
atoms. If th{^ ('vidence that the connecting protons are not cen¬ 
trally locatf^d Ix'tween the molecules of diformic acid is accepted, 
the compound is derived from the reaction 

O HO OH O 

H—C + C'=H II—C + c;—H, 

\ -/ \ 

OH O O HO 

and this reaction has a transition state. If the hydrogen is central 
in HFV, the reaction F—H + F~ ^ F'- 4- H—F has no transition 
state. There is no direct evidence of this; the assumption is made 
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because the fluorines in HFo are unusually clos(^ for i)roton-linked 
atoms. The cthane-like si.nu'ture with a somewhat high boron-to- 
boron distance of B 2 H 6 suggest.s that it is a simultaneous derivative^ 
of th(^ six forms resulting from the n^actions of the type 

n H 11H 

I1:B 1 B:H iJ:B;B -f HV 

ii H f i i ‘i 

This way of considering the formation of mol(‘cular association as 
derived from reacti<jns is applicabb^ to ordinary resonating compounds 
lik(* b(‘nz(ai(\ Tlu? only dilYei‘enc(‘ is that in a compound like benzene 
the reaction is an intiamolecular oiU‘, and strong association is easier 
to obt ain, a.s the r(‘pulsion forc(\s ha.v<^ already beem overcome by bond 
formation. Ihaizene is them th(‘ association (*omplex of the diene- 
tyi)e reaction in which the conjugatt' di(ai(‘ 3, l,r),() reac'ts with the 
ethylene 1 , 2 : 


II 

H 

(' 

C 



HO ^C'H 

IKV. 

II i 

1 II 

HCt. s('ll 

IK'r. -CH 


(' 

c 

H 

H 


dlie evidence for the (‘qual distances betw^een the carbon atoms shows 
the lack of a transition statca 

Actually tlu're is nothing in the organic theory of molecular reso¬ 
nance', proving that there is only one eiua’gy maximum in the I„ 
(airv(‘s. If we imagine that curve I 3 , Figure 18, has two maxima, 
there is a minimum betw^een them. The intermediate wamld then 
be stable to any small change of configuration, and would be a 
definite compound. However, it seems simpler and better to assume 
a single maximum unless definite evidence for a stable intermediate 
has IxH'u obtained. In that case the reaction wmuld be complex and 
there would be^ transition states for eacli successive step. 

40. THE QUANTUM MECHANICAL TREATMENT 

A quantum mechanical treatment of chemical reaction was first 
attempted by London.® It has since been greatly extended by 


« London, F., Z, Elektrochem,, 36, 555 (1929). 
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others, most notably by Eyring and Polanyi.® The problem is so 
complicated that simplification is necessary.^® The process is as- 
sumed to occur so slowly that the particles are practically at rest, 
and the energies are, therefore, all potential. From the way these 
energies change, it is shown that there are energy minima corre¬ 
sponding to reactants and products and an energy bai'rier between 
them. The vsystem travels from reactants to products through a 
pass in this barrier. The rate of the reaction depends on the height 
and shape of this pass. 

The energy of a system of two atoms can be divided into two parts, 

E ~ QaB 4 “ OCaB j ( 23 ) 

both being integral functions involving the eigenfunctions of the 
undisturbed atoms, ^ and 0, and the potential energy function V. 

Qab = iyl/^{x)V4;^{y)dxdy ( 24 ) 

and 

ajiB = i 4'{x)4>(.x)V>p{y)4>{y) dxdy. ( 26 ) 

The first quantity may be called the coulombic energy and the 
second the exchange energy. Both quantities depend on the distance 
between the atoms. At the distance for which is at a minimum, 
we have an unexcited molecule, and Qab ^ a a b is the potential 
energy of the bond A —R, or the energy of dissociation at absolute 
zero less the zero-point energy. 

If we introduce a third atom, the system becomes a combination 
of the six possible functions , 'F 2 , etc. of the type yp{x)4>(y)x(z)f 
4^{x)<t>{z)x(y)j etc., where ^(x), ^(y), and x{^) are functions for the 
three atoms. 

The secular equation is: 


Wn - 

E W21 

Wti 

Wti 

Wti 

Wtt 


- 

E Wti 

Wti 

Wti 

Wti 

Wx, 


Wit - 

E Wtz 

Wtt 

Wtt 

TFi4 

Wit 

Wu 

Wu - 

E Wtt 

Wtt 

Wx, 

Wit 

Wtt 

Wtt 

Wtt - 

E TTos 

Wit 

Wit 

Wtt 

Wtt 

Wtt 

Wtt-E 


where == / ^iV^j dx dy dz. 


® Eyring, H., and Polanyi, M., Z. physik. Chem.j B12, 279 (1931), 

For a more detailed discussion and further references, see the Sym¬ 
posium on ‘‘Reaction Kinetics” published in Trans. Faraday Soc,, 84 (January, 
1938). 
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When ^ Wii = / yP{x) 4 i^{y)^{z)V dx dy dz 

= / \l/K^)<t>Ky)V dx dy / xKz) dz 

+ / 4 'K^)xKz)y dx dz / 02(?/) dy 

+ / <t^Ky)xKz) Vdydzi dx (28) 

and in each term one integral is that for the eoulombic energy of the 
two atoms making a bond, and the other is unity. Hence 

Wit “ Qab “b Qac "b Qbc y (28) 

and is the coulombic energy, Qabc , for the combination of the three 
atoms. When i 9 ^ 

Wtv = / Hx)x(x)Hy)<t>(y)<l>(z)x(z)V dx dy dz (29) 

or a similar integral with one of the functions squared, e.g., 

Wii = / ^Kx)<t>{y)x{y)4>{z)x{z)V dx dy dz. (30) 


When the former of these values for Wij is broken into three terms, 
as was done above for Wa , each term is multiplied by / 4 '{z)x{z) dz 
or another integral of two functions for one co-ordinate. These in¬ 
tegrals are approximately zero, so Wij of this type equals 0. When the 
other type of Wij is broken into terms, two are equal to zero as above, 
but the other is of the type 

/ 'p{y)x{y)<t>iz)x{z)y dy dz J y^{x) dx 

where / dx = l,and/ <^( 2 /)x(?/)^(z)x( 2 )^dj/d 2 is the exchange in- 

tegral for making a bond between two atoms. The secular equation 
then becomes: 

Qabc E 0 0 aBc olac clab 

0 Qabc ^ 9 olac olab olbc 

0 0 Qabc E ocab olbc <^ac 


OiBC 

OtAC 

OLab 

Qabc — 

E 0 

0 

olac 

OLab 

OCbC 

0 

Qabc 

E 0 

glab 

olbc 

olac 

0 

0 

Qabc — E 


= 0 . ( 31 ) 

The only acceptable roots of this equation are: 

E = Qab + Qbc + Qac 

+ 0?BC 4 “ 0?AC — OLabOLbC — CLBCOLAC — OLacOLab- ( 32 ) 
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London «howod that this would give minimal energies when two 
atoms are neai- and the other distant, and that thc^ easiest approach 
of the third atom is along the bond line. For this type of apj^roach 
he assumed th(^ interactions of the distant atoms to be zero, and 
neglected the coulombic energy. This gives: 

E — ^ ol\b + — CLabOLbC^ (33) 


The lowest ])oint in t he energy barrier is reaclu'd when aBc — , 

and the energy is abov(‘ the lev(‘l for the compound 

A — B. The criti(*al (au'rgy is then estimati‘d as 0.131 of the ex- 
cliange j^art of tlie bond energy. 

The conclusions that we can draw from London’s theory are: ( 1 ) 
that the main interactions of three monovakait groups, . 1 , H, and C, 
yield three compounds, AB, BC, and AC. but not ABC] (2) that 
the reaction of the spare atom with one of these compounds occurs 
through an end-on rattuT than a broadsidf^ collision; (3) that this 
reaction requires a much smaller energy of activation than that 
necessary to dissociate the molecule; and (4) that this energy can 
be expressed as a function of the energies of the three possibles bonds, 
A — B, B —C, and A — C. Although the theory was dcveloj)ed for 
valences due to odd electrons, presumably the above conditions 
hold for valences arising from unshared pairs of electrons, and from 
incomplete valence shells. 

The above conclusions are similar to those that might be drawn 
from the qualitative resonance theory of the preceding section. 

Vs 

LondorFs equation for the critical energy, tc = ocab — - 7 ^- ccab , 

where aAn is the energy of the normal A—B bond, makes the rate a 
function of the yl —B bond but not of the B — C bond, except insofar 
as it is necessary for this bond to be so strong that at some distance 


asc can equal . This does not agree with our previous treat- 

ment, in which the tendency of B to bond with C was an important 
factor. The discrepancy arises from the over-simplification used 

to obtain ec = a. 4 B — (xab . 

z 

40a. The Eyiing-Polanyi method. Eyring and Polanyi^^ have 


” Eyring, H., Naturwissenschafien, 18, 914 (1930); Eyring, H., and Polanyi, 
M., Z. physik. Chem.^ 12B, 279 (1931); Eyring, H., J, Am, Chem. Soc., 63, 
2537 (1931). 
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avoided some of LoiidoiFs assumptions. Thc^y start wdth ecpiation 32 
and the conclusion that the end-on collision is by far thc' most 
effective. They obtain a from the equation for the bond energ}^: 

Q + a = (34) 


where D is the heat of dissociation plus the zero point energy, n 
is the equilibrium bond distance, r is the distance between the atoms, 
and a is equal to a constant for all bonds multiplied by the frequency 


of the ]ow('st vibrational level and the square root of 


M 

ZV 


where 


jjL is the reduced mass. This empirical equation is the Morse func¬ 
tion for bond energies. constants in it an^ gem^rally obtain¬ 

able for diatomic molecules. The coulomi)ic energy is ol:)tained by 
assuming that it is 10 or somci lower })er cent of the total binding 
eiH'rgy. C'onclusions are considered valid only when reasonabk^ varia¬ 
tions in th(i p('r cent of the coulombic em'rgy make little difference. 

With these assumi)tions the energy for any linear arrangement of 
A, B, and C can b(‘ calculated. All these arrangements can be 
depict.('d in two dimensions, usually the distance's of A and C from 
the (central atom, and the energies put in as contour line's. The' 
niaj) shows twe) valleys separated l)y a saelelle'. The lu'ight of the' 
le)west pe)int in this saddle above the le)west point in the valley for 
reactaeits is the critical energy. With this me*thoel the heat e)f ac¬ 
tivation of the re'action H 2 (ortho) -f H H 2 (para) + H was 
calculated, and tlie re\sult agreed with the observed value within a 
few thousand calories. 

The calculatie)ns she)w a shallow depression between two maxima 
in the transition from H—H H to H H—H. This corresponds to 
the molecule H 3 . KasseF^ considers that this depression is not real 
but due to a sensitiveness to error in this neighborhood. 

The method can be used for reactions between saturated mole¬ 
cules; e.g., A—B -f C—D A—C + B —Z>. The energy for four 
atoms is 


E ~~ Qah “b Qcd 

+ |[(<^^4Z? + Ot 


“b Qac H” Qhd "b Qad Qbc 

CD — a AC CXdd) "b {oLaB "b OCcD OCaD OLfic) 

+ (oCaC + Ot/iD — OiAD — OiBc)’^]- 


(36) 


The stable configurations are the atoms combined in pairs. The 
best approach for the reaction is A—B and C—D in the same plane, 


Morse, P. M., Phys. Rev., 34, 57 (1929). 

Kassel, L. S., Kinetics of Homogeneous Gas Reactions, page 57. Chemical 
Catalog Co., New York, 1932. 



392 


RATE FACTOR IN CHEMICAL BEHAVIOR [Ch. VllI, §40aJ 


with A near C and B near D. In this type of reaction four atomic 
centei’s are involved simultaneously in the transition state, whereas 
in the reaction previously discussed only three atomic centers were 
concerned. These two types can be called four-center and three- 
center reactions, respectively. 

A four-center reaction always has the alternative mechanism of 
the dissociation of a molecule followed by the reaction of its parts 
with the other molecule. Eyring showed by calculation that the 
energy of activation of hydrogen directly reacting with iodine is 
less than what would be needed for a dissociation into atoms followed 
by a reaction of an atom with a molecule; but that the latter type of 
mechanism would require less heat of activation than the direct 
combination of H 2 and CI 2 . This deduction is in agreement with 
experiment. 



Chapter IX 


THE REACTIONS OF ACIDS AND BASES WITH 
NEUTRAL SUBSTANCES- THREE- 
CENTER REACTIONS 

The critical energy m lower for reactions involving a saturated 
molecule and groups whose valences are not all satisfied than for 
those between entirely saturated molecules, and the former reactions 
are generally faster than the latter. Consequently, not only do we 
find many reactions whose eejuations show that they are three- 
c^entered, but even when the equations suggest four centers, the 
mechanism includes at least one step of the three-center type. 
Groups with incompletely satisfied valences fall into three types: the 
odd molecule, tlie base, and the acid, characterized respectively by 
the presence of an unpaired valence electron, the presence of an 
unshared pair of valence electrons, and the deficiency of a pair of 
valence electrons. 

One of the products of a simple reaction between an odd molecule 
and a saturated one is another odd molecule. This is more likely to 
react with a saturated molecule than to become inert by reacting 
with another odd molecule whose concentration is in most cases very 
low. These conditions are apt to lead to a chain reaction. The 
rates of chain reactions depend on so many factors that the relation¬ 
ships between structure and rate are complex. On the other hand, 
acids and bases reacting with saturated molecules do not generally 
form chains, and, though the reactions are usually complex, their 
rates and the structures of the reactants are more simply related 
than are those of chain reactions. Further, acids and bases are 
comparatively common substances and a great number of common 
reactions are wholly or in part the breaking of a bond by an acid 
or base with the formation of another acid or base. For these 
reasons we shall ignore the reactions of odd molecules^ and consider 
those of acids and bases. 


' For a review of the appearance of free radicals in organic reactions, see 
Wittig, G., Z. angew, Chem., 52, 89 (1939). 
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In the sense of a reactant, we do not confine the term ^^acid^^ to a 
hydrogen compound but use it in the generalized scmsc^ to dc'note a 
substamre that has a strong affinity for unshared valence-electron 
pairs of an atom of some other mole(nile. Some objection may be 
raised to the implication that this pro])erty implies an unsaturated 
valence. One might (dioose to consider the val('nc(' of a hydrogcm 
in an acid like H;{()+ as satisfied, and classify its compounds as 
mok^cular associations. However, we do not consider th(' forces that 
lead to molecular association as fundamentally different from other 
bond-forming forces, and there is no reason to believe that these 
forceps act differently in reactions. Similarly, we do not n('ed to dis¬ 
tinguish between the acidity of an atom that has less than eight 
valence electrons and that- of an atom that has (aght valence electrons 
but can have an expanded valence shell. Thus hydrogen ion, the 
boron of BF^ , the hydrogen of the sulfur of SO 3 , the iodine 

of I 2 (note its tendency to form brown compounds with I~, 

ROJJ) are all acidic atoms and can show their acidity by practically 
instantaneous reaction with bases, or may function as acids in reac¬ 
tions with more saturated molecul(\s. 

41. THE MECHANISMS OF THE REACTIONS 

Before comparing the rates of analogous acidic and basic reactions, 
we should consider some of their peculiarities and possible nu'cha- 
nisms. Had wo a solution for th(^ relationship of rate and structure, 
the mechanisms of reactions could be deduced from it. In special 
cases this has been done, as for instance the deduction of the nu^cha- 
nisms of the reactions of hydrogen and halogens by Eyring (section 
40a). How(W'('r, at the present time the answer to the question of 
the relationship of rate and structure must depend chiefly on our 
ability to compare the rates of analogous processes and hence on a 
knowledge of the mechanisms of reactions. This knowledge is often 
indefinite even when the kinetics of the reaction have been investi¬ 
gated. The comparison of rates and the elucidation of the kinetics 
of reactions must be used to supplement one another. 

According to the transition-state theory, the rate of a simple 
reaction is proportional to the equilibrium constant of the formation 
of the transition state from the reactants (Chapter VIII, page 377). 
The mechanism is important only insofar as it shows the composition 
or structure of the transition state of the rate-determining step. 
The rate depends on the equilibrium between the reactants involved 
up to this stage of the reaction, on the one hand, and on the transition 
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state and products formed at this stage of the reaction, on the, other 
hand. This principle is often of value in simplifying the problem. 
Thus we shall find it unnecessary to consider whether the valence- 
unsaturatfjd reagent (acid or base) is a catalyst or a reactant. TIh^ 
complex reactions all end with a rapidly attained equilibrium between 
iho acids and bases present. Whether, after this equilil)rium has 
been n^achc^d, the original reagent is largely neutralized or practically 
unchanged is not pertiruait to the relation of rate to structure, but 
determiiu's whether the reagent is a catalyst or reactant. 

41a. The Walden inversion. In the last chapter we showed that 
for th(* reaction of an odd molecule with a bonded pair of atoms, an 
a[)proach along the bonding line is most favorable for a reaction. 
This is in gern'ral the best type of approach for the reaction of a 
valonce-unsaturated atom with a saturat'd molecule, whether the 
unsaturation of the valence is due to an unpaired electron, to an 
unsharcHl jiair of electrons, or to a lac*k of (dcHdrons. Coris(Kiuently, 
in a simple substitution the new group takes a i)osition which is the 
mirror image of that previously oc(*upied by the re})lac('d group. On 
an asymmetrical atom this type of substitution changes a dextro to a 
\lio.vo configuration. That this inversion sometim(‘s occurs was first 
shown by Walden,^ who found that, in the cycle Malic acid 
C'^hlorosuccinic acid —> Malic acid, tlu^ laevo malic acid is changed to 
its dextro isomer. Olson^ has assumed that, in any simple reaction 
of th(^ type A — B C A B —C, a Walden inversion occurs, 
and if B is an asymmetric atom it can be obseuwed. This assumption 
has been fully substantiated by experiment. It do('s not mc^an that 
evc'ry substitution of a group on an asymimdric atom must produce 
a diffenmt configuration, for in that case Walden^s cycle, d form 
Intermediate —^ I form, would not be possible. TIk' products of a 
reaction may be the result of a series of steps. If there is an even 
number of steps and a Walden inversion occurs at each, the product 
has the same (configuration as the original substance. Further, it 
has not been shown that the reaction type A — B + C—D 
A — C -f B — D necessarily leads to a Walden inversion. According 
to Eyring, a broadside collision with C near A and R near D is the 
most favorable one for this type of reaction. This mechanism does 
not favor an inversion. 

2 Walden, P., Ber., 26, 210 (1893); 29, 133 (1896). 

8 Olson, A. R., J. Chew.. Phys., 1, 418 (1933); Bergman, E., Polanyi, M., 
and Szabo, A. L., Trans. Faraday Soc.t 32, 843 (1936); Olson, A. R., and Long, 
F. A., J. Am. Chem. Soc., 66, 1294 (1934). 
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The Walden inversion is a valuable test for a suggested mechanism. 
Any mechanism that assumes a single step of the type A — B + C —> 
A + B — C must be discarded if the reaction does not lead to inver¬ 
sion. The theory also shows that if stcu’ic factors make the attack 
from the back difficult, the reaction is slow. As a by-product of the 
theory, Olson was able to obtain the rate of reaction Cl —R + Cl“ —> 
CP -}- R —Cl from the rate of racemization where the halogen is 
bonded to an asymmetric carbon atom in /?. A more generally ap¬ 
plicable method of measuring the rate of an exchange reaction is to 
use radioactive halide ions. It has been shown that the two methods 
give the same result. 

41b. The differentiation of rate-determining and preliminary re¬ 
versible reactions. In considering an acidic or basic complex 
reaction, it is necessary to decide whether or not the actual rcjaction 
of the acid or base is the rate-determining step, before comparing 
the rates of analogous reactions. Otherwise we do not know whether 
the reactions are truly analogous or not. 

If the reaction of the acid or base with the substrate is a pre¬ 
liminary slow step, or a simple reaction, then k = ki , where k is the 
rate constant of the overall reaction and ki is the constant for the 
acidic or basic reaction. If, however, the reaction of acid or base 
with the substrate is a preliminary equilibrium reaction, then 
k = Kkz , where K is the equilibrium constant of the acidic or basic 
reaction and fe ks the rate constant of a slow follow reaction involving 
a product of the first equilibrium. In the rare coincidence that 
^3 ~ fcj, where /c 2 is the constant for the reversal of the acidic or 

kz 

basic reaction, the rate constant is k = ki . - —. 

kz -f- fe 

A kinetic study of the reaction may determine whether the acidic 
reaction is rate-determining or not. The mechanism of the reaction 
is, in general: 

nA + mB ^ s/ -h pC, (?/ + rZ) —> E. 


If the first step determines the rate, the velocity function for the 
reaction is [AT[B]^. If the first step is fast enough to maintain 

equilibrium, this function is ——. However, for acidic 


However, for acidic 


^ Hughes, E. D., Juliusburger, F., Masterman, S., Topley, B., and Weiss, 
J., /. Chem. Soc.j 1525 (1935); Hughes, E. D., Juliusburger, F., Scott, A. D., 
Topley, B., and Weiss, J., J. Chem. Soc., 1173 (1936); Cowdrey, W. A., Hughes, 
E. D., Novell, T. P., and Wilson, C. L., J. Chem. Soc., 209 (1938). 
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reactions it is not rare for q/s to be unity, p to be zero, and r to be 
zero, and then a simple kinetic study does not decide whether the 
reaction with acid is rate-determininp; or a preliminary fast revers¬ 
ible step. This also applies to reactions with bases. 

Wh(ui a substrate is an acid of appreciable strength and one of its 
reactions is catalyzed by a base, the dissociation constant of the 
substrate will be included in the rate function. By itself this kinetic 
peculiarity does not tell us whether th(^ reaction is one of the ion of 
the substrate or a base-catalyzed reaction of the undissociated sub¬ 
strate. The ruoitralization of the substrate will be a fast reversible 
reaction, and the same rate laws will hold for either alternative. The 
same principle holds when a substrate is a base of appreciable 
strength and the reaction is catalyzed by acid. For instance, if the 
auto-oxidation of catechol in alkaline solution is the auto-oxidation 
of tlie negative ion C 6 H 602 “, or is a reaction of catechol, oxygen, and 
hydroxide ion, the rate at constant oxygen pressure is in both cases 

proportional to , where A is the known sum of the 

xVaivIrl I “1“ 

concentrations of CeHsO-i" and C 6 H 6 O 2 and Ka is the first dissociation 
constant of catechol. A study of the rate as a function of A and 
[OH~l does not distinguish between these mechanisms, but can be 
used to measure Ka . 

41c. The salt effect. The relative rate constants for the reaction 

k K 

A A- B C in two solvents can be expressed as = , where 

ko Kot 

Kr and Kqj are the concentration equilibrium constants for the 
formation of the transition state in a given solvent and in a ref¬ 
erence solvent, respectively. In dilute solutions in the reference 
solvent we can arbitrarily put the activities of A, R, and r equal 
to their concentrations. Then Kor is also the thermodynamic 
equilibrium constant independent of solvent. The activities in the 
other solvent are then 7 a[A], 7 b[R], and TtH, where 7 is the 
activity coefficient. Then 


Ko. 


[r]o 


7r[r] 


[A]o[5]o 7 a[A]7b[ 5] 7A7fl 


Krj and k = ko 


7a 7g 
7t 


This equation is valuable only when we can predict something about 
the activity coefficient of the transition state. 

When the standard environment is a highly dissociating solvent 
such as water, we know how the activity coefficient of an ion is 
changed by the addition of small quantities of a salt. As a first 
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approximation for dilute solutions, the effect of the salt is the same 
for all salts in solutions of the same i6nic strength (the sum of the 
products cZ] for all species of ions), and the activity coefficient of 
an ion is affected by the ionic strength according to the square of 
the ionic charge. For water solutions at 25°C., this degree of ap~ 
proximation leads to the equation 

log 7 = — 0.5Z^Vc , 

where Ze is the charge of the reacting ion and c is the concentration 
of a uni-univalent salt. 

In a reaction between ions, we know the charges of the ions and 
hence the charge on the transition state. We can then apply the 
above equation and obtain an approximate value for the effect of 
added salt on the reaction rate when the concentrations of all ions 
are small. Then, if the reaction is between ions of the opposite 
charge, the reaction is slower in salt solution than in pure water, 
while the reverse is true if the reacting ions have the same sign. If 
the reaction is between an ion and a neutral substance, the charge 
on the transition state is the same as on the reacting ion, and the 
rate is the same in water and a salt solution. These deductions can 
be summarized by the equation 

log k = log fco ~ O.Sx/cf-^^A + ZIh — (Zfji 4“ 

where the sign of Zg is determined by the sign of the charge on the 
ion. This equation has been confirmed experimentally in dilute 
solution. The above is Bronsted^s theory of the primary or ex¬ 
ponential salt effect. Salts affect the activity coefficients of neutral 
substances, and affect the activity coefficients of small ions more 
than those of large ones. Besides, each salt has its own specific 
effect on a reaction. There are, therefore, secondary and specific 
salt effects as well as primary ones, but we shall not discuss these. 

The primary salt effect is sufficiently large and well substantiated 
to be used as a test for a suggested mechanism of a reaction. It 
does not necessarily distinguish a rate-determining reaction of ions 
from preliminary fast reactions of ions followed by a rate-determin¬ 
ing step. For instance, C + AB++ ^ has 

kt 

the same primary salt effect when fcsfC] >$> A ;2 as when k 2 ^ A; 3 [C]. 
The equilibrium constants ior + B'^ r and A+ + B+ — > AB'^ 
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are equally affected by salt, and has no salt effect. On the other 

hand, the mechanism A"*" + R+ ^ C'^ F+ has a 

k2 

different salt effect according as ka,[E] > /c 2 [Z>‘^] or k2[D'^] > /cafE]. 
Tlie former case gives a positive salt effect; the latter, none. The 
salt effect is determined by the reactants used and products formed 
up to the transition state of the rate-determining step. In the above- 
mentioned four possibilities, the salt effects are determined by th(' 
equilibria of the following reactions -j- > A+ + B+ + 

C —> TABr++ , + B^ —> T ah+^ , and A'^ -f- B'^ -f- E — > tce+ T" 

The first three n^actions are the formations of divalent ions from pairs 
of similarly charged monovalent ions and must have positive primary 
salt effect. The last is the formation of two monovalent ions from 
two monovalent ions and should have no primary salt effect. 

41d. Reaction with both hydrogen ion and undissociated acid. 
Many solvents react rapidly with acids or bases or both. For in¬ 
stance, water reacts with either acid or bas(‘. If then water is the 
solvent and an acid is the reagent, three different acids are present: 
H 2 O, and the acid that was added. The substrate reacts 

with dll three acids, and the reaction is the sum of three reactions. 
In th(' same way, in an aqueous solution of a base, three bases— 
H 2 (), ()H“, and the added base—are present. All of these bases 
may react with the substrate. Th(^ separate reactions may lead to 
the formation of the same products, so that the analysis of the 
products does not always distinguish the reactions. 

The rates of individual simultaneous reactions can often be ob¬ 
tained from a series of measurements of the rates of the overall re¬ 
action at various concentrations. This can be done for the reac¬ 
tions of the mixture of acids obtained when an acid is added to water 
or a similar solvent. Assuming a first-order rate function with 
respect to each reactant, the rate is 

~ = HR,0^][S] + h[RA][S] + US], 

at 

where S is the substrate, HA is the undissociated acid, fci is the 
constant for the reaction with hydronium ion, k2 is that with the 
acid, and k^ is that for the reaction with water, and includes the 
constant concentration of water. The values of [HA]' and [HgO"^] 
can be obtained from the amount of acid added and the dissociation 
constant of the acid. By measuring the rate at different concentra- 
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tions of acid, the resulting simultaneous equations can be solved for 

, ^ 2 , and h . 

Another method of varying the concentrations of and HA 

is by adding the salt of HA, thus decreasing HsO"^ and increasing 
HA. Similarly, if the acid HA is weak, we can increase 
without much affecting the concentration of HA by adding a strong 
acid. In these methods it may be necessary to assume rea(;tions 
with hydroxide ion and th(‘ ion of the added acid. These introduce 
new unknown constants into the rate laws, but where the dissocia¬ 
tion constants are known this presents no difficulty. When salts 
are added the rates should all be measured at the same ionic strength 
to compensate for salt effects. The same methods can be used for 
basic reactions. 

The method is of course at fault if the rate laws are not those 
assumed. Such errors can be detected, for if the assumed rate laws 
are wrong, we do not obtain constants over wide ranges of 
concentrations. 

If it is found that the undissociated acid reacts as well as the 
hydronium ion that it forms, the assumed reaction mechanism must 
be such that the aCid as well as its hydrogen ion is included in the 
transition state of the master reaction. Thus if the reaction C—B —> 
C + 5 is catalyzed by both hydronium ion and acetic acid, we may 
assume for the acetic-acid-catalyzed reaction the mechanisms 


C~B -f- HAc ^ C—Bit -f- Ac", C—Blt ^ C + ^ + H^, 


with kz ^ k ^; 


C—B -h HAc ^ C -h RHAc, RHAc ^B + HAc, 

ki 


with kz » k 2 or k 2 ^ kz; 


or 

C—B + HAc ^ C~BHAc. + B + HAc, 
k^ 

with kz » kz or kz'^ kz] 

but we cannot assume the mechanism 

C—B + HAc C—BH^ + Ac~, C—J5H+ C + B + H+, 

kz 


with kz » fc; 
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because, in this last mechanism, C —can be obtained in equilib¬ 
rium concentration by the reaction C—B -f- H 3 O+ C—-j- 
H 2 O, and its concentration is determined by those of C—B and 
H 3 O+. In the other mechanisms the master reaction is sometimes 
the preliminary and sometimes the follow step, but in every case 
its transition state includes acetic acid, its composition being either 
C—RHAc or RHAc. 

41e. Reaction of substrate with either acid or base. Hydrolyses 
and similar reactions are often accelerated by both acids and bases. 
This is not surprising in view of the three-center theory of acidic and 
ba^sic reactions. The bond of A—B is polarized, i.e. one of its ionic 
components A^B~ or A~B^ is more important than th(^ other. If 
A+R“ is the preferred component, hydroxide ion breaks the bond by 
an attack on A and hydrogen ion by an attack on R, and in both cases 
the prodiK^ts are A OH and RH or their ions. Similarly, if the acid 
or base first unites with A —R without breaking the bond, the base 
tends to join the A group and the acid to join the R group. The 
electrostatic effect of both these additions enhances the importance 
of the A'^B~ component of A —R and increases the tendency for the 
bond to be split into the prodiKits of A"*" and R", i.e. into A OH and 
RH. 

Ac(‘eleration of a reaction by both acid and base is not restricted 
to hydrolysis, ammonolysis, and alcoholysis, but is also found for 
reactions of quite different type, such as tautomeric changes, con¬ 
densations, etc. 

The rate of such a reaction is the sum of the rates of the reactions 
of the positive ion, the negative ion, and the undissociated acid. 
For instance, in a hydrolysis, 

^ = A:,[H301[-S] + A;j[Oir][S] + 

at 


Since water is the solvent, its concentration is almost constant and 
[H 2 O] can be included in the constant of the last term. There is 
a fixed relationship between [HsO"*"] and [OH~], for [H 30 '^][ 0 H“] = 

, so we can write 




+ K 


where fca = /ci , A:* = and kc = A: 3 [H 20 ]. 

minimum value for ^ at [HaO*^] = . 

[R] at \ka/ 


This equation gives a 
At this minimum the 
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acidic and basic reactions have identical rates. It is called the iso- 
catalytic point. 

If we have two concentrations of hydrogen ion giving equal rates, 
the relations become 


1 dx 
IS]^ 


+ 


h ^ 

[Um], 


+ K = KlE,0% + 


h 

[H3()+]2 




which reduces to [H 30 ’^]i[H 30^]2 = ~, whicli is th(' square of the hy- 

ka 

drogen ion concentration at the isocatalytic point. The sum of tlio 
logarithms of the two hydrogen ion con(^entrations for which the 
rates are equal is twice the logarithm of the isocatalytic hydrogen 


1 dx 

ion concentrations. Hence the curve of — against pH is sym- 

[b\ at 

metrical about a minimum. This curve is a catenary. 

The solvent ions (HsO"^ and OH”) are produced by adding an acid 
or base. If this acid or base in its undissociated form is a catalyst 
and its conjugate (e.g., the ion of an acid) is also a catalyst, th(' 
partial reactions due to these catalysts must b(» included, and 


1 ~ = + h[OB.l + fc3[H30] + fc4[H.4] + h[A] 

[oj at 

where HA and A~~ are the added acid and its conjugate base, l^y 
adding varying amounts of HA and NaA, or some completely 
ionized acid whose ion is ineffective (the best is HCIO 4 ), or NaOH, 
a wide variation in the relative concentrations of HsO"^, OH~, HA, 
and A” is possible and a sufficient number of simultaneous equations 
can be obtained to permit a solution for ki, k 2 , kz, , and k ^. 

When a constant quantity, Ao, of HA is used, the pH of the solu¬ 
tion may be changed by adding varying quantities 6f NaA. If HA 
is sufficiently weak so that [HA] = Ao, the above equation reduces to 

with 


k(i ' — A/j, A/5 •— k^K^y) A" Ao ^ 


and 


kc = Aj8[H20] + kiAd . 
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The plot of 


1 dx 
[S] dt 


against pH is a catenary with a minimum at the 


isocatalytic point, [HsO"^] = 



41f. Lowry’s mechanism. Lowry^ has proposed the theory that 
reactions that are produced by both acid and base are in reality 
j)roduced by the combined action of acid and base. The acid attacks 
one part of the molecule, the base another. The acid attracts elec¬ 
trons and repels nuclei; the base repels electrons and attracts nuclei. 
The reaction follows as the consequence of electrons and protons 
moving in the resultant field. Thus, the sequence 


CH3 H CH3 H 

II II 

AH + ;0::C : C:H + :Ii AH:()::C : C:H:B - 

••1 -I 

H H 

CHa li CHa H 

..II ..II 

. 4 H:():C; :: C H:B A + H:():C C + HB+, 
.. I "I 

H H 


follow('d by the rapid achievement of the neutralization equilibrium 
between A”, CH 3 C(OH)=CH 2 and would represent the 

change of acetone to its end form. 

The experimental basis of this theory is that many tautomeric 
changes that are catalysed by bases, say pyridine, do not occur in 
the presence of pyridine in a solvent that has been freed from im¬ 
purities that might function as acids, but do occur when acidic im¬ 
purities are present. The most striking example is the mutarota- 
tion of tetramethylglucose® which is brought about by tautomeric 
changes. In chloroform this reaction is very slow’ when either the 
base pyridinci or the acid cresol are added, but is quite rapid if both 
are added. Water, being an amphoteric substance, can function 
either as the acid, the base, or both. 

An interesting case of a Lowry mechanism is the reaction of 
ethylene oxides with water, hydronium ion, chloride ion and hydro¬ 
chloric acid. Bronsted and the Kilpatricks^ found that if the con- 


® Lowry, T. M., J. Chem. Soc., 127, 1371 (1925). 

® Lowry, T. M., and Richards, E. M., J. Chem. Soc.y 127, 1385 (1925), 

’ Bronsted, J. N., Kilpatrick, Mary, and Kilpatrick, M., J. Am. Chem. Soc.y 
51, 428 (1929). 
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stants for thc.sc four reactions are ki, , kg and ki, respectively, 

then ki/ki — h/ki. This they could explain only on the assumption 
of the Lowry mechanisms: 

H2O + C2H4O + H2O C2H6O2 -h OH- + H+ 

H2O + C2H4O 4 - H3O+ C 2 H ,02 + H+ -f H2O, 

H2O -f C2H4O -f Cl- CjILOCl + OH-, 

and H3O+ + C2H4O -1- Cl- t, C2H6OCI + H2O, 

for the four reactions. The relationship was found for more than 
one ethylene oxide derivative and for more than one halogen. 

According to this general theory, the rate of a reaction catalyzed 
by an acid and its ion in aqueous solution would be given by an 
equation involving terms for all combinations of the acids and bases 
present. Assuming first order with respect to each reactant: 

I ^ = fci[H30+]IH20] -t- fc2[0H-][H20] + fc3lH20][H20] 

[N] at 

-h fc4[HA][H20] + A6U-][H20] -f- /C3[H301[4"] 

+ ferlHAJU"] + AsIHaOllOH-] + fe[HA][Oin. 

As H2O is constant, and [ILO'^IIOH"] = K^,, and 

[tiA\ 

this reduces to 

1 ^ = A:„[H301 +'fe[OH-] + kc + fc<,[HAc] fc.IA"] + kAAllRA]. 

Only in the last term does this equation differ from that derived for 
the individual action of an acid or a base. The existence of this term 
has not been shown for the enolization of ketones in aqueous solution. 

A linear four-center transition state can be assumed for a reaction 
going by a Lowry mechanism, and the reaction considered as similar 
to those with three-center linear transition states. Any molecule 
having basic or acidic properties when present in a reaction mixture 
must affect a three-center transition state, an acidic molecule stabiliz¬ 
ing the transition state for a basic reaction and a basic molecule that 
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of an acid one, as suggcisted by Lowry. When this perturbation is 
great, the reaction must be treated from Lowry^s point of view, but 
when small the simpler three-center treatment is to be preferred. 

41 g. Unimolecular and bimolecular hydrolysis. That one can 
notice the effect of an a(;id or base on the rate of a reaction in water 
or similar solvent can only mean that that acidic or basic reaction 
is faster with stronger than with weaker acids or bases, for water 
is both an acid and a base and is at a much higher concentration than 
that of the reagent added. If, for any particular substrate, this is 
not true, the reaction might well use up the added reagent and yet 
its rate be independent of the acidity or basicity of the solution. 
This condition is found in the alkaline hydrolyses and alcoholyses of 
many organic halides. For instance, the reaction (CH3)3CC1 + 
OH“ —> (CH3)3C0H + Cl“ is independent of the hydroxide ion con¬ 
centration. The equation for the similar hydrolysis of ethyl chloride 
has the same form, RCA + OH~ ROIL + Cl“, but in this case the 
reaction is kinetically different, the rate being proportional to the 
hydroxide ion concentration. Both reactions are proportional to the 
concentration of the alkyl halide. They are called, respectively, 
uni- and bimolecular alkaline hydrolyses of alkyl halides. They are 
examples of two distinct types of hydrolysis. 

The difference between the uni- and bimolecular hydrolyses does 
not lie in the relative rates of preliminary and follow reactions. 
It cannot be assumed that the first step is a reversible reaction, 

iiici S + Cl", followed by + OH" h ROB. in both cases, but 

ki 

that A:3[0H“] ^ it2[Cl""] in the unimolecular type and felCl"]»ifcalOH"] 
in the bimolecular type. In that case the reactions would be uni¬ 
molecular and bimolecular, respectively, but the rate of the latter 
would be inversely proportional to the chloride ion concentration, 
which it is not. The bimolecular hydrolyses are accepted as simple 
three-center basic reactions. The most generally accepted theory for 
the unimolecular hydrolysis is that it is a slow ionization, 72 C 1 
-f- Cl"”, followed by a fast reaction, + OH“ ROH. 

The other facts concerning these two types of reactions are that 
the bimolecular reaction is accompanied by a complete Walden in¬ 
version, but in the unimolecular reaction there is only partial inver¬ 
sion. If one starts with a dextro form of the halide, the unimolecular 
reaction produces both forms of the alcohol with the laevo in excess, 
but a bimolecular reaction yields only the laevo form. Another 
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important fart is that if a iinimolecular reaction is carried out in a 
mixture of water and alcohol, the rate is 


[S] ^ + fcjOfCaHsOH , 


where a is the activity.^ However, the prodiu^t of the action of a 
mixture of alcohol and water^ has a greater ratio of ether to alcohol 


The heats of activation of many of the unirnoleciilar reactions are 
small compared to the values that might be assumed to correspond 
to the breaking of the bond into ions. 

Finally, it is possible for a substrate to undergo both types of re- 

1 dx 

action simultaneously. The rate law is then f--, -r- = fci + i^[ 0 H“]. 

[oj at 

By varying the concentration of alkali, both velocity constants can 
be determined. 

There has been a great deal of controversy concerning the mecha¬ 
nism of the unirnoleciilar reaction. Ingold, Hughes, and their co- 

ki 

workers claim that the mechanism is RX ^ + X”, + OH” 

^2 

7 ? 0 H, with /calOH”] ^ k2[X~]. Olson and Halford claim that it 

+ + 

is pseudo-unimolecular, being RX -f- H2O t=± J?()H2 + X~", jf20H2 + 

kz 

OH- h Ron + H2O, with A3[0H-] » fe[X-]; or RX + H2O 
7 ? 0 H + HX. Neither mechanism is quite in accordance with the 
observations. Thus the ionization theory does not explain (1) the 

preponderance of inversion, for RiRzRzC has a planar configuration, 
(2) the heat of activation being less than would be expected from an 
ionization, (3) the rate of the reaction with a mixture of alcohol and 
water being a function of the activities of the components of the 
solvent. The second mechanism does not explain (1) the preponder¬ 
ance of ether formation over that expected from the relative rates 
of the alcohol and water reactions, (2) greater racemization in uni- 
molecular than in bimolecular hydrolyses, ( 3 ) the substrate reacting 
with the weakly basic solvent rather than the strong base hydroxide 


* Olson, A. R., and Halford, R. S., J. Am. Chem. Soc., 69, 2644 (1937). 
•Bateman, L. C., Hughes, E. D., and Ingold, C. K., J. Am. Chem. Soc.y 
60, 3080 (1938). 
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ion. On the other hand, the difficulties encountered by both theories 
are not insuperable. The facts, however, suggest (1) that the transi¬ 
tion state of the master reaction includes more than one molecule 
of solvent, (2) that the configuration of the transition state is such 
that at least one molecule of solvent is not far displaced from the line 
of the carbon-to-halogen bond, and on the other side of the carbon 
from the halogen, and ( 3 ) that the transition state does not include 
hydroxide ion unless it also includes hydronium ion. The evidence 
for (1) is that the alcoholysis is catalyzed by water; for (2), 
that inversion, though not complete, is predominant; and for 
( 3 ), that the rate is independent of the hydroxide ion. The proviso 
for ( 3 ) is necessary. In Lowry\s theory of combined acid and base 
catalysis, one of the possible transition states is OH~i?Cl If 

the hydrolysis is one that is only rapid when both a very strong acid 
and a very strong base react with the substrate, then in an ampho¬ 
teric solvent neither an acid nor a base is a good catalyst. The rate 
1 

equation would be . — fc[0H“]fH30^] = kKt,. Other am- 

[oj at 

photeric. solvents would give similar rate equations but with a different 
constant. 

41h. Slow and fast reactions. As was mentioned in the previous 
chapter, P in the equation k = is often very small in reac¬ 

tions carried out in solution, but sometimes it is not very much less 
than one. Reactions when? P has an order of magnitude less than 
10 ”^ have been grouped together as the ‘^slow^^ reactions, the others 
being called ''fast’' or "normal” reactions. The nomenclature is 
very unfortunate, as a "fast” reaction can be much slower than a 
"slow” one. The "fast” reactions have also been called ionic three- 
center reactions, becavrse when they are found in the liquid phase they 
are generally bimolecular reactions of an ion with an uncharged mole¬ 
cule. However, bimolecular reactions of an ion with an uncharged 
molecule are also found among the "slow” reactions. 

The assumption usually made is that a collision having the critical 
energy normally leads to a reaction, but in "slow” reactions some 
steric factor causes a variation from the norm. We shall assume that 
a "fast” reaction is one that occurs with a heat of activation far in 
excess of the critical energy, and in consequence the energy barrier 
between reactants and products is surmounted over a wide area. 
This implies that no very precise configuration of reactants is re¬ 
quired in the transition state and hence the steric or probability 
factor, P, is close to unity. If, however, the reaction path is through 
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a rather narrow region in the barrier, the activation energy may be 
reduced considen-ably toward the value of the critical energy, but the 
narrowness of the pass implies a rather precise configuration in the 
transition state and hence a small value of jP, i.e. a ^'slow^^ reaction. 

42. THE STRENGTH OF THE REACTING ACID OR BASE (C) 

The formation of a transition configuration for the reaction A :R + 
C A + R * C, where C and A are acids, necessitates a partial break¬ 
ing of the A\B bond and a partial formation of a bond between 
B : and C. Therefore, the stronger is the A : B bond, the slower the 
reaction, and the stronger is the B:C bond, the faster is the reaction. 
The acidity of C is the driving force of the reaction and that of A is 
part of its resistance. Whether the basicity of B\ helps or hinders 
the reaction is indeterminate, depending on whether its interaction 
with C from a large distance to the distances in the transition con¬ 
figurations is greater or smaller than its interaction with A from 
the bond distance to those in the transition state. 

It is not possible to define acidity and basicity quantitatively in a 
completely general way. But th(^ free energies of the reactions of A 
and C with water to produce hydrogen ion can be taken as rough 
measures of the tendency of A to combine with B: to form A — B 
from the transition state and that of C to unite with B : to the extent 
that C and B: are combined in the transition states Hence if A and 
B: are kept constant and C is varied, there should be a direct cor¬ 
relation between the strengths of the C^s as acids and the rates of 
their reaction with A — B. Also, if B and C arc kept constant and A 
is varied, there should be an inverse correlation between the acid 
strengths of the A and the rates of reaction of their B : compounds 
with the acid C. If R: is varied and A and C are constant, we may 
expect either a direct or an inverse relationship between the basic 
strengths of the RPs and the reaction rates, depending on the choice 
of A and C, One must even consider the possibility of a change from 
a direct to an inverse correlation when R: is varied for a single 
choice of A and C. 

What has been written above, concerning the effects of the acidi¬ 
ties of A and C and the basicity of R: on the rate of the acidic 
reaction A:R-}-C—+ R:CLs applicable, by inversion, to the 
effects of the basicities of A : and :C and the acidity of R on the rate 
of the basic reaction A:B + :C A: + R:C. The basicity of 
: C enhances the rate; that of A: diminishes it; and the effect of the 
acidity of R is indeterminate. 
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We have se(in in ('hapten' VI that the strenp^th of a hydrojj^en acid 
can be fairly well estimated from its structure, so that effects of 
change of structure of A and C on the rate of the acidic and basic 
reactions of the type A—B + C > A + B—C can be predicted. 
These predictions are only rough approximations. Similar estimates 
of the effects of change of structure of A and C on the rates can be 
made from th(' experimental values of the acidic and basic constants. 
These are also rough approximations. The dissociation constants 
depend on the combinations and separations of acids and bases 
between equilibrium bond distances and infinity; the rates depend 
on similar combinations and separations, but only between equilib¬ 
rium and transition-state distances or between transition-state dis¬ 
tances and infinity. 

The correlation between rates and acid strengths was noted by 
Snethlage^^ when it had become evident that acid catalysis could be 
separated into a catalysis by hydrogen ion and one by the undis¬ 
sociated acid. This correlation was expressed quantitatively by 


Taylor'^ by the equation = Ka, where km and fcn are the rate 

kji 

constants of those parts of the reaction that depend on the undis¬ 
sociated acid and the hydrogen ion, respectively, and Ka is the dis¬ 
sociation constant of the acid. It is now known that the exponent 
in this equation is not invariant to a change of the substrate, but that 
for a number of acid-catalyzed reactions its value is not far from f. 

42a. Bronsted’s equation. Similar relations are found between 
the strengths of bavses and the rate of base-catalyzed reactions. 
Bronsted expressed these, using a generalized system of acids and 
bases. In this system an acid reacts with water to form H3O+ and 

IBasel |H.Oi 


its conjugate base. If Ka is defined as 


[Acid] 


H3O+ is 55.6 (the molality of water); Ka for water is 10 “'^^/ 55 . 6 ; 
Ka for a simple hydrogen acid is its ordinary dissociation constant; 
and Ka for a positive ion is its hydrolysis constant. If Ka is a measure 

of the acidity of an acid, is a measure of the basicity of its con- 

Ka 

jugate base. Bronsted then expressed the rate constant of an acid- 
catalyzed reaction by ka = GiC and the rate constant for a base- 
catalyzed reaction by h = GK^^. G and z are constants determined 


Snethlage, H. C. S., Z. physik, Chem.y 85, 211 (1913); Z. Elektrochem., 
18, 539 (1912). 

Taylor, H. S., Z. Elektrochem., 20, 201 (1914). 
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by the reaction, and for the base-catalyzed reaction Ka is the acid 
constant of the conjugate acid. When a reaction is catalyzed by 
both acid and base, G and x need not be the same for th(i two cataly¬ 
ses. Exponents so far observed are all less than unity and, in gen¬ 
eral, the base-catalyzed reactions have the higher exponents. It may 
be noted that, if a reaction is catalyzed by both acid and base, it is 
experimentally difficult to observe the effects of weak acids or weak 
bases on the rate, when x is large. The contributions of these reactions 
are masked by the large contributions of those due to hydronium or 
hydroxide ions. For instance, if G and a: for the acidic hydrolysis 
are 1 and 2, respectively, and G and x for the basic one are 10“'^‘^ 
and 1 . 5 , respectively, the rate of the reaction for unit concentration 
of the substrate in a solution lA^ with respect to the ion of an acid 
whose dissociation constant is 10~'\ with sufficient of the acid to make 
the solution neutral, is 10 ~^^ -f 10 “^^ + -f- 10 “®'^. These tc^rms 

are the reactions due to the acid, its ion, hydronium ion, and hydrox¬ 
ide ion, respectively. The first two terms are quite negligible. 
Further, with these values of x they would be negligible with any 
choice of values for ( 7 , or at any other pH. No significance can be 
attached to the observation that x is always loss than unity. 

The equations for the effects of undissociated acid or base can be 
corrected for the probability factor that arises from the possibility 
of more than one acid or basic center.^^ From a theoretical stand¬ 
point, Brbnsted^s equation should be kn — GK'aj where k'„ is the rate 
due to a single acidic center (point of dissociation) of the catalyst, 
and Ka is the dissociation constant for the acid after it has been 
corrected for the probability factor due to multiplicity of acidic 
centers in the undissociated acid (called p) and of basic centers in 

the conjugate base (called g). Then ka = v^a and Ka = Ka^ y and 

~ — G^Ka^ or ka = GKlq''p^~''. Similarly, for a base-catalyzed 

reaction, h = GK^^p^. The formulas for the rates of acid- and base- 
catalyzed reactions are generally expressed in logarithmic form. 
Thus the simpler equations become log ka = log G + x log Ka y 
and log h — log G — x log Ka . The results can then be plotted as 
a straight line, whose slope is x. 

The correlation between the rates and the acidities or basicities 
of the reagents as given by the above equations has been experi- 


Pedersen, K. J., J. Phys. Chem., 38, 591 (1934). 
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mentally verified in all cases in which the rates for the individual 
acids or bases have been measured, and in which the acids or bases 
compared are of similar type, i.e. are derived from the same 
hydride (H2O, NH|, NH3 , etc.). There is even a marked corre¬ 
lation when the acids or bases compared do not belong to the same 
type. The correlation fails where something specific happens in tbe 
dissociation or reaction with substrates Thus the basic catalytic 
constant of bicarbonate ion does not correspond to the ordinary 
first dissociation constant of carbonic acid (3 X lO"^). This con¬ 
stant involves the reaction H2CO3 ^ CO2 + H2O, but the interac¬ 
tion between bicarbonate ion and the substrate is independent of 
the decomposition of H2CO3. 

Wo shall give in detail only a single example of generalized acid 
catalysis and one of generalized basic catalysis. They are shown 
in Tables 44 and 45 . The first is the acid-catalyzed reaction 

N 

|\ 

C:HC 02 + HsO N2 + CHoOHCO^ 

\/ 

N 

the second is the base-catalyzed reaction NH2NO2 —^ H2O + N2O. 

The correction for the multiplicities of acidic and basic centers 
have not been introduced. The constancy of G in Table 44 is im¬ 
proved if this is done. Although the constancy of G appears to be 
much greater for the decomposition of nitramide than for that of 
diazoacetate ion, it really is not. The range of rates covered by the 
measurements given on the diazoacetate reaction is much greater 
than that of the nitramide decomposition. If the latter were ex¬ 
tended to include very strong bases, as for instance hydroxide ion, 
the value of G would not be so constant. Both reactions have some 
abnormalities in their kinetics. 

The decomposition of nitramide is supposed to show some differ¬ 
ences in the behavior of carboxylate ions and amines. Thus if the 
same value for x is used for both, as was done in Table 45 , the 
average values of G for the two types of bases are slightly different. 
Also, when log is plotted against log Ka the best lines for the two 
types of bases are slightly different. 

The mutarotation of glucose is catalyzed by both acids and bases 
in general. The base-catalyzed reaction increases more rapidly with 
the strength of the base than the acid-catalyzed reaction increases 
with the strength of the acid. That is, x for the basic reaction is 
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RATE OF N 2 CHCO 2 


Table 44 

-f H2O N2 -h CH2OHCO2 


CATALYZED BY 


ACIDS* 




Log 0 — 

Acid 

Log ka 

Log Ka 

log A;-0.833 logKa 

HjO. 

.... -6.0 

-15.75 

7.1 

HP07“. 

.... -2.3 

-12.3 

7.7 

CsHioNH^ (pipcridiniuin ion) .. . 

.... -2.2 

-11.1 

7.1 

CeHfiOH. 

.... -o.a5 

-10.0 

8.0 

NH^'. 

.... -0.23 

-9.3 

7.5 

CH,C02lI. 

.... 4-4.1 

-4.8 

8.1 


. .. 4-8.45 

4-1.7 

7.1 


* King, C. V., and Bolinger, E. D., J. Am. Chem. Soc.. 58» 1533 (1036). 


Table 45 

RATE OF NH 2 NO 2 H 2 O 4- N 2 O CATALYZED BY TUK 
BASES OF SOME A(4DS* 

CONJUGATE 

Acid 

Log kb 

Log K a 

Log 0 = log kb + 
0.85 log Ka 

“ 02 C(CH 2 ) 2 C 00 H. 

4 - 0.2 

-5.4 

-4.4 

“02CCH(0H)CH2C00n . 

. - 0.1 

-4.9 

-4.3 

CH 3 CH 2 COOH . 

. - 0.2 

-4.9 

-4.4 

CHsCOOH. 

. -0.3 

-4.8 

-4.4 

H02C(CH2)2C00H. 

. -0.5 

-4,2 

-4.3 

CsHfiCHjCOOH. 

. -0.7 

-4.3 

-4.4 

CflHfiCOOH. 

. - 0.8 

-4.2 

-4.4 

- 02 C(CH 0 H) 2 C 00 H. 

. - 0.8 

-4.1 

-4.3 

-OjCCOOH. 

. - 1.0 

-4.0 

-4.4 

H02CCH2CH(0H)C00H . 

. - 1.2 

-3.7 

-4.3 

HCOOH. 

. - 1.1 

-3.7 

-4.2 

H02C(CH0H)2C00H. 

. -1.5 

-3.3 

-4.3 

o-C3H4(COOH)2. 

. - 1.6 

-3.2 

-4.3 

o-C«H 4 (OH)COOH. 

. -1.7 

-3.0 

-4.3 

H,P04. 

. - 2.2 

-2.5 

-4.3 

P-CH,C6H4NH,. 

. 0.06 

-5.1 

-4.3 

m-CHsC6H4NHB. 

. - 0.2 

-4.8 

-4.3 

CbHbNHs. 

. -0.3 

-4.7 

-4.3 

o-CHsC6H4NHa. 

. -0.5 

-4.5 

-4.3 

P-CIC 6 H 4 NH 3 . 

. -0.8 

-4.1 

-4.3 

m-ClC6H4NH3 . 

. -1.1 

-3.5 

-4.1 

0 -CIC 6 H 4 NH 3 . 

. -1.8 

-2.7 

-4.1 


• Brdnsted, J., and Pedersen, K., Z. physik. Chem., 108, 186 (1924); Bronsted, J., and Duus, H. C., 
Z. physik, Chem.f 117, 299 (1926); Bronsted, J. N., Trans, Faraday Soc., 24, 637 (1928). 
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greater than x for the acidic one. When log ka and log h are plotted 
against log Ka , oppositely sloping straight lines are obtained. The 
rate of the reaction in water falls on both lines; on the line for the 
basic reactions the abscissa is log Ka for hydronium ion, and on the 
line for acidic reactions it is log Ka for water. This fact has been 
noted^^ as exemplifying the amphoteric character of water. If these 
facts are correct, the rate constant for the water reaction is 

ho = GaK^^^o or fcu* = GbKjiJo-^. 

The simple theory of independent acid and base reactions gives 

ho = GaK^n\o + GbKu7o^. 

Lowry’s theory, that the reactions occur under the combined action 
of acid and base, makes ka the constant for water acting as a base and 
the reagent as the acid, kh the constant for water acting as an acid 
and the reagent as the base. The constant for water is then 

ho = GaK^^o or kto = Gb K iilo+, 

plus the added term for the combined action of hydroxide and hy¬ 
dronium ions. The latter term is negligible when Xa and Xb are small 
with respect to unity, and predominant when they are large with 
respect to unity. The observed value of ho seems to indicate a 
Lowry mechanism for this reaction, but it is difficult to decide these 
points experimentally, for the errors involved in extrapolating the 
values of k^, from measurements with stronger acids and bases are 
as a rule large with respect to the value of . 

Lowry^s theory that the substrate is attacked simultaneously by 
acids and bases leads to a variety of possibilities of hydroxide ion 
and hydrogen ion catalysis in aqueous solution according to the 
values of Xa and Xb in Bronsted^s equations. With Xb large and Xa 
very small, the reaction is catalyzed by base but not by acid; with 
Xa large and Xb very small, the reaction is catalyzed by acid but not 
by base; with Xa and Xb of intermediate magnitudes, the reaction is 
catalyzed by both acids and bases; and with both Xa and Xb either 
very large or very small, the reaction is not apparently faster in the 
presence of either acids or bases. 

The mechanisms of the reactions that show generalized acid-base 

Schwab, G.-M., Taylor, H. S., and Spence, R., Catalysis from the Stand¬ 
point of Chemical Kinetics, Van Nostrand, New York, 1937. 
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catalysis arc not known with any degree of certainty. It is simpler, 
but not necessary, to assume that the reaction with the acid is the 
master reaction. If this is not done, it must be assumed that the 
entire acid is retained in the Arrhenius intermediate. When the 
latter is doiui and the thermodynamic properties of the transition 
state are assumed to govern the rate, it becomes immaterial whether 
the intermediate belongs to the Arrhenius or to the VanT Hoff type, 
as in cither case' generalized acid catalysis is to be expected. 

Assuming that the reaction between acid and substrate is the 
master reaction, the mechanism for an acid-catalyzed hydrolysis of 
a substrate having an unshared pair of elec^trons may be 

N: + H: 1 ->N:TI + :A 

followed by a rapid decomposition or hydrolysis of N: H to the final 
products, or 

A:H + :S-^A:li:Si + S,, 

where Si and S2 are th(^ j)roducts of the scission of S, with water 
acting simultaneously or afterwards to yield the final products. 
Although there is no kinetic cvid(ui(^e favoring one of these' mecha¬ 
nisms over the other, the latter is to be preferred for any hydrolysis 
that takes an a{)preciable time in the presence of HsO"^, as the dis¬ 
tribution of hydrogen ion between unshared electron pairs is normally 
a very rapid process, and it is unlikely that 

S: -b R:A + :A 

is slow enough to be the master reaction. However, it is not neces¬ 
sary that all generalized acid catalyses have the same mechanisms. 

In general, what has been written above concerning the mechanism 
of generalized acid catalysis is applicable to generalized base catalysis. 
A special mechanism is applicable to the reaction of acyl compounds. 
These substances contain the carbonyl group, and a reaction that 
finally ends in the change of one acyl derivative to another may 
proceed through an attack on the carbonyl group. This is particu¬ 
larly likely in basic reactions, and the alkaline hydrolysis of an ester 
can be taken as a good example. A probable mechanism is: 

.. .. 

RC:'6:R + ‘b^RC:'6:R . 

.. fcj .. .. 

B 
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In this compound, the basic negatively charged oxygen atom can 
displace either B or :0:R. The equation for the latter ])roeess is 


KC:0:R h RG + :b:R . 

B " B 

If B is hydroxide ion, th(^ follow step forming ECO2 and HO/i is 
rapid; or, if H is a weak base, 

O 

EC 

\ 

B 

Is rapidly hydrolyzed and the produ(*ts, after the acids and bases 
have reached (‘(piilibrium, are ECiX + /rt)H + B, The rate is then 
equal to fci , - [ 72 COOiK] [B] . The greater the basicity of the 

ki + /C 3 

k-i 

greater is h and the greater is the ratio — -—j -. Hence, if fci =— 

k2 ~T kz k2 -T~ ks 

is made equal to , x is large. In consequence, this is a typis 

of reaction in which weak bases are very inefficient; and when a weak 
base is added, the ester is hydrolyzed chiefly by the hydroxide ion 
produced by the action of water on the weak base. Should the base 

B contain a proton, so that B is B':H, then 

lb: 

RC:b:R 

H:B'” 

is rapidly neutralized by any base in the solution (including itself) 
and forma 

H 

:Or :0: 

RC:b:R or RC:b:R. 

B':" B':" 
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Now, B': is a much stronger base than J5':H and the chance of :0:K 
being displace‘d instead of /?': is much greater than that of :0:/^ 

being displaced inste^ad of a base of the strength of The base 

Is therefore a more effective reagent than corresponds to its 
strength. The i)roduct, however, is KCOB^:, not RC02- Thus the 
hydrolysis of an ester in an aqueous solution of a tertiary amine is 
but little faster than that due to the h 3 ^droxide ion pr(*sent, and the 
product is RCO 2 , but in aqueous solutions of ammonia, primary and 
secondary amim^s react with esters faster than this, producing amides 
instead of carboxylate ions. 

42b. Hammett’s equation. An aromatic compound and its deriva¬ 
tives react in similar ways. Any one of these ways is a general re¬ 
action of the class of compounds that includes the aromatic com¬ 
pound and its derivatives. Hammett^^ has found that the rate or 
equilibrium constant of a general reaction for a member of a class 
of aromatic compounds is given approximately by the equation 
log kff = log ku + o-p, where ku is the rate or equilibrium constant of 
the general reaction for the unsubstituted member of the class, cr is 
a constant for the substitution, and p is a constant for the general 
reaction. Thus the rate constant for the reaction 

P-C1C6H4N(CH3)2 + CH 3 I P-C1C6H4N(CH3)3 + 1“ 
is given by the equation 

log K = log ku + crp, 
where ku is the rate constant for the reaction 

C6H5N(CH3)2 + CH3I C6H6N(CH3)3 + I“, 

p is a constant characteristic of the general reaction 

XC6H4N(CH3)2 + CH3I XC6H4N(CH3)3 + I“-, 

and (T is a constant for the para substitution of chlorine. 

In order to assign values to a and p it is necessary to assume an 
arbitrary value of p for the rate or equilibrium constant of some 


Hammett, L. P., J. Am. Chem. Soc., 69, 96 (1937). 
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general reaction. Hammett has taken p == 1 for the equilibrium 
constants of the dissociation of benzoic acids. 

Hammett\s equation must be considered as an approximate em¬ 
pirical equation that is applicable only with certain limitations. It 
was applied in Chapter VI to the dissociation constants of aromatic 
acids. There it was found that it was not applicable to ortho sub¬ 
stitutions, nor when the substituent group resonates with the atom 
from which the proton dissociates, as for instance in p-nitrophenol. 
The latter limitation can be expressed in a more general way. If 
the substituent group resonates with an atom directly concerned in 
the reaction, the <r value for the substitution must be changed or a 
term must be added to take account of the effect of this resonance. 
The equation is a good approximation when the effect of the sub- 


Table 46 

THE <r VALUES FOR GROUPS 


Substitution 

tr \ 

Substitution 

<r 

P-NH2 . 

. -0.660 

p-ci . 

... 4*0.227 

p-OCHs. 

. -0.268 

P“Br. 

.... 4-0.232 

p-OC2Hfi. 

. -0.25 

P-I . 

.... 4-0.276 

W-(CH8)2N. 

. -0.211 

m-F. 

.... 4*0.337 

P-(CH,)2N. 

. -0.205 

m-1 . 

.... 4*0.352 

p-CHs. 

. -0.170 

m-Cl. 

.... 4-0.373 

m-NHa. 

. -0.161 

m-Br . 

.... 4-0.391 

P-C2H5. 

. -0.144 

P-C6H6N=N. 

4-0.640 

p-CHsS. 

. -0.047 

m-CN. 

.... 4-0.678 

p-CsHfi. 

. 4-0.009 

m-N02. 

.... 4-0.710 

P-F. 

. 4-0.062 

p-N02(benzoic). 

.... 4-0.778 

m-OCHa. 

. 4-0.115 

p-CN. 

.... 4 - 1.000 

m-OC2H6. 

. 4-0.15 

p-N02(phenolic). 

.... 4-1.27 


stitution is chiefly due to a change of the electric charge on the 
aromatic carbon atom to which the reacting group is attached, 
directly or by a chain. The <r value for a substitution is then propor¬ 
tional to the difference between the polar constants for the substi¬ 
tuted aromatic group and for the phenyl group. These polar con¬ 
stants of complex groups include the effects of the polarities of the 
atoms and of the resonances within the group. However, when the 
substitution introduces steric factors, directly transmitted polar 
effects, and important resonances other than those between the sub¬ 
stituent group and the aromatic resonances, neither polar constants 
for complex groups nor <t values determined only by the substitution 
can be used without introducing appreciable error. In Table 46 we 
show the or values assigned to some groups by Hammett. 
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The values given in the above table arc averaged from several 
general reactions to which p values have been assigned. The ab¬ 
scissa values of the groups in Figure 39 , Chapter VI, are also a values, 
but averaged from the dissociation constants of benzoic and phenyl- 
boric acids and calculated on the assumption that p = 1 for the 
dissociation constants of the derivatives of phcnylboric acid. The 
two sets of values should be proportional, but this is only approxi¬ 
mately true. Both sets of a values are only tentative. In Figure 39 
the abscissa for the p-amino is less negative than that for the 
p-alkoxy group. The reverse order givcni by Hammett is probably 
correct. It may be noticed that in Figure 39 the points for these 
groups do not fall on the line, but would fit the line more accurately 
if the order of the abscissa values were reversed. On the othc^r 
hand, Hammett’s values for m-N(CHs)2 and r/i-NH2 arc probably 
erroneous. The values are too negative. The true values are ])rob- 
ably near to zero for acjneous solutions. Hammett’s value for 
p-N (CH3)2 is less negative than that for m-N (CH3)2. That this 
group puts a larger negative charge on the meta than on the para 
position is exceedingly unlikely. In general th(^ N(CH3)2 group 
behaves like the NH2 group but, if anything, appears to produce a 
greater negative charge in the ring. ''Fhe relative effects of such 
groups as OH, OCH3, NH2, and N(CH3)2 should be markedly 
affected by the solvent, and by the pH of the solution. The hydro¬ 
genated groups OH and NH2 interact with both acidic and basic 
atoms, and the other two only with acidic atoms. These interactions 
often go beyond the stage of forming divalent hydrogen. Thus reac¬ 
tions of phenols are often those of their ions, and those of anilines are 
due to anilinium ions. Hammett has given a definite order to the 
effects of m-Cl, m-Br, and m-I. The order is doubtful, since almost 
any order is found experimentally. However, the effects of these 
substitutions are never very different from each other. The cyano 
group, like the nitro group, resonates strongly with a basic atom 
in the para position. Hence two o- values, a benzoic and a phenolic, 
are as much justified for the cyano as for the nitro group. 

The reason why the a values assigned to the groups in Table 46 
are open to criticism is that the relative effects of the groups are not 
constant except under the ideal conditions of lack of perturbing 
effects. This ^horrnaT’ effect of the substituent is difficult to obtain 
because we cannot be sure of the lack of perturbation in any chosen 
general reaction. However, the qualitative order (1) p- 0 ~, (2) 
p-amino (NH2, 'NR2 , etc.), ( 3 ) p-hydroxy (OH, OCH3, etc.)^ 
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( 4 ) p-alkyl (CH3, C2H5, etc.), (5) m-alkyl, (6) m-amino, (7) p-F, 
(8) m-hydroxy, ( 9 ) p-Cl, 00 ) p-Br, (11) p-I, (12) rn-carboxy (CT)OH, 
COOR), ( 13 ) m-F, ( 14 , 15 , 16 , and 17 ) 'm-Cl, m-Br, m-I, and p-car- 
boxy, (18 and 19 ) m-N02 and 7«.-CN, (20 and 21 ) P-NO2 and 7>~CN, 
in which no attempt has been made to distinguish between groups 
with nearly equal effects, is probably very close to the normal order. 
We can use Hammett’s equation and, with the exceptions we have 
mentioned, his table of or values, as a rough approximation to calcu¬ 
late the rate and equilibrium constants of the reactions of benzene 
derivatives. When the discrepancies between observed and calcu¬ 
lated values are very great, we can seek the reasons for the per¬ 
turbations. 

If we consider <t to represent the charge imposed on an atom of 
the nucleus by the substitution, the p value for the dissociation con¬ 
stant of an aromatic acid is always positive. An inspec^tion of 
Figure 36 will show that this is the case. It has been deduced from 
the transition state theory that the stronger the acidic or basic 
reactant, the faster is its reaction with the substrate. Hence p for 
the rate constant of a reaction of an aromatic acid is also positive, 
and p for the rate constant of a reaction of an aromatic base or ion 
of an aromatic acid is always negative. 

In his article, Hammett quotes the follovdng eleven examples of 
basic reactions with the reagent varied by meta and para substitu¬ 
tions: reaction of substituted anilines with dinitrochloronaphthalene 
in ethyl alcohol,reaction of substituted anilines with dinitrochloro- 
})enzene in ethyl alcohol,reaction of substituted phenyldiethyl- 
phosphincis with ethyl iodide in aceton(%^^ reaction of substituted 
dimethylanilines with trinitrophenyl methyl ether in acetone,^^ reac¬ 
tion of substituted dimethylanilines with trinitrocresyl methyl ether 
in acetone,^^ reaction of substituted dimethylanilines with methyl 
iodide in aqueous acetone,^^ reaction of substituted anilines with 
benzoylchloride in benzene,^^ reaction of substituted anilines with 
formic acid in aqueous pyridine,^^ reaction of substituted phenolate 
ions with ethylene oxide in alcoholreaction of substituted phenolate 


Van Opstall, H. J., Rec, trav. chim.y 62, 901 (1933). 

Singh, A., and Peacock, D. H., J. Phys. Chem., iOy 669 (1936). 

Davies, W. C., and Lewis, W. P. G., J. Chem. Soc., 1599 (1934). 
Hertel, E., and Drcssel, J., Z. physik. Chem.y B29, 178 (1935). 

Hertel, E., and Dressel, J., Z. physik, Chem,, B23, 281 (1933). 

20 Williams, E. G., and Hinshelwood, C. N., J. Chem, Soc,, 1079 (1934). 
2 * Davis, O. C. M., and Rixon, F. W., J. Chem. Soc,, 107, 728 (1915). 

22 Boyd, D. R., and Marie, E. R., J. Chem, Soc., 106, 2117 (1914). 
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ions with propylene oxide in alcohol,reaction of substituted phe- 
nolate ions with ethyl iodide in alcohol.^ In every case the plot of 
log k against cr giv(\s a fairly straight line, and p is negative. 

No reactions of the type A:B C A + BiC, where C is an 
aromatic acid, are included in Hammett^s list of reactions that con¬ 
form to his (equation. In a reaction of this type, C is a hydrogen 
acid, and the product B:C has a divalent hydrogen atom. The 
rapid follow reactions release C or its ion. These reactions are 
examples of generalizc^d acdd catalysis. When the acids used in a 
generalized acid catalysis are restri(‘ted to an aromatic acdd and its 
meta and para derivatives, we have a general reaction for which the 
equation log == log ku + (xp, with a positive value of p, holds. 

42c. The relationship between Bronsted’s and Hammett’s equa¬ 
tions. The last statement in the previous section implies a relation¬ 
ship between HamiiKdCs and Bronsted^s equations. Bronsted^s 
theory requires that the rate constants for the reaction of an aromatic 
base and of one of its meta or para derivatives be given by the 
equations log ku = log G — x log Kn and log K = log G — x log Ka, 
where Ku and Ka are the dissociation constants of the conjugate 
acids of the aromatic base and its derivative. But Ku and Ka are 
related by the Hammett equation log Ka = log Ku + (rp\ By 
combining these equations, one obtains log ka — log ku — crp'x. 
In this, X is determined by the substrate, and p' by the aromatic 
acids, so that p'x is determined by a general reaction of a class of 
aromatic acids. That is, p'x is p for this general reaction, and log 
ka — log ku + (xp, where p is negative. Similarly, for reactions of 
aromatic acids, log ka = log ku + <rp'x = log ku + (rpj where p is 
positive. 

When p and p' are known, x can be calculated. If one uses the 
values given by Hammett for p and p', a wide variation of x is 
obtained even in reactions of the same base. Thus, for the reaction 
of aniline with formic acid in aqueous pyridine solution, p is —1.219, 
and, since p' for aniline is 2.73, x = 0 . 48 ; for the reaction of 
anilines with dinitrochloronaphthalene in ethyl alcohol, p = 3.69, 
and hence x = 1.3. The last example is important in that it shows 
that X can exceed unity. As the change from water to alcohol does 
not affect p' for aniline very greatly, x would be greater than one 
even if the reactions were both carried out in alcohol. 

42d. Acids without hydrogen atoms. The strongest acids are 


** Goldsworthy, L. J., J, Chem, Soc.^ 1254 (1926). 
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not the hydrogen acids, but compounds with atoms whose valence 
shells can easily hold more electrons than they do, such as SO3 and 
BF3. The effects of these acids are difficult to observe in the pres¬ 
ence of substances like water or alcohol. These strong acids produce 
reactions which, if catalyzed by hydronium ion, would go at im¬ 
measurably slow rates. Thus the C—O bond of diethyl ether is 
practically inert to aqueous acids, but is broken with the greatest 
ease by sulfur trioxide, 

CsHbOCsHb + SO3 (C2H60)2S02 . 

The catalytic effects of BF3, AICI3, ZnCb , etc., may well be due to 
acidic three-center reactions of these powerful acids. 

42e. Charged and neutral bases. The Bronsted equation for the 
rates of generalized acidic and basic reactions holds over wider ranges 
of structural changes in the acidic or basic reagents than might be 
expected from the transition-state theory. It does, however, fail 
when acids or bases of very different types are compared. Failure 
might be expected when acids or bases having different electric 
charges are compared, but the rates appear to show very little effect 
of a change of electric charge on the reagent. This can be seen in 
the constancy of G in Table 44 and Table 45 . However, the change 
in the charge of the reacting base from an ion to a neutral amine 
produces a large effect on the relative values of the factors of the 
velocity constant, PZ and For reactions with the same rate, 

is smaller for the ionic than for the amine reaction. Hinshel- 
wood^^ has accounted for the higher values of for the amine 

reactions by the stabilizing attraction of the charges in the transition 
— + 

state A • • • B • • • C. We shall restate this theory on the assump¬ 
tion that the activation energy is in general greater than is necessary 
to form the transition configuration of lowest energy. In doing this 
we shall also imagine the transition configurations for the reaction 
A:B + *C A: +R:Ctobe formed from the separate groups 
instead of from A:B and :C. The first step is to bring A: and :C 
to the required distance. The repulsion in this step is greater if :C 
is negatively charged than if it is neutral, but this difference is more 
marked when the separation is small than when it is large. B'^ is 
now introduced between A\ and :C, making bonds with both. 
Where A : and B^ are constant and only : C is varied, we can approxi- 

Hinshelwood, C. N., Laidler, K. J., and Timm, E. W,, J. Chem, Soc.j 848 
(1933). 
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mate by ignoring the effect of bond formation between A: and B'^. 
The energy obtained by bonding B'^ and : C is only part of the B—C 
bond energy, that obtained up to the distance between and :C 
in the particular configuration. When this distance is large, a 
smaller proportion of the bond energy is available if :C is neutral 
than if it is negatively charged. Thus a neutral base has an ad¬ 
vantage over a negatively charged one because of the lower repulsion 
between A: and :C, but a negatively charged base has an advantage 
over a neutral oik^ because its basicity is effective at a greater dis¬ 
tance from B^. The former advantage is diminished and the latter 
increased when there is a wide separation of the groups in the transi¬ 
tion configuration, so that reactions with negatively chargcnl bases 
occur more readily through the higher-energy and the more diffuse 
transition states than do those with neutral bases. This raises the 
average energy of activation for reactions with ions, but this rate- 
diminishing effect is compensated by the greater entropy of the 
diffuse transition state of the reaction with ions. In consequence, 
the activation energy and the probability are both less whcui the 
reacting base is an amiiui than when it is an ion. With equal 
basicities, the amine is the more reactive at low temperatures, and 
the ion at high temperatures. 

42f. The polarizability effect. When the bases compared are 
derivatives of hydrides of elements having different numbers of 
electron shells, the Bronsted equation fails. Thus mercaptans are as 
readily formed from alkyl halides as alcohols are, although H2S is 
more than 10 "^ times as strong as water, and thioethers react with 
alkyl iodides fairly readily though their basicities are hardly de¬ 
monstrable. The halides show similar anomalies. Thus C2H5Br 
reacts more rapidly with bases than C2H6CI, while bromide ion is a 
more efl^cient basic reagent than chloride ion and HBr has a larger 
catalytic constant than HCl.^^ In every case the bromide reacts 
more rapidly than the chloride. Here the relative strength of the 
acids and bases involved cannot be the only factor that governs the 
relative rates of the three-centered acidic and basic reactions. The 
fact that Br“ is a more efl?cient basic reagent than Cl” could be 
taken as evidence that HBr is a weaker acid than HCl. In that case 
alkyl chlorides would be expected to react faster than the bromides 
and HCl to have a higher catalytic constant than HBr. 


Hantzsch, A., Ber., 68, 612 (1925). 
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Where the cliange of rate with the bas(^ strength is small, other 
factors besides base strength readily appear. For instance, the 
breaking of the C —O bond of epichlorohydrin is nearly as rapid with 
water as with acetate ion. The relative rates correspond to an x 
value of 0.15 as base-catalyzed reactions. The reaction with chloride 
ion is about twice as fast as that with acetate ion, and the reac¬ 
tion with iodide ion about a hundred times as fast as that with 
chloride ion.^® 

For three-center basic reactions it appears to be a general rule 
that, other factors being equal, an increase in the number of electron 
shells of either the reactant or the product base increases the rate. 
This is attributable to the accompanying increase of polarizability of 
the val(‘nc(^ electrons. This can be deduced qualitatively from the 
theory of the transition state. A greater proportion of the total 
basicity of a pair of electrons is effective at a larger distance when they 
belong to a readily polarizable atom than when they belong to a 
difficultly polarizable one. In the reaction A:B + :C A: + B:C 
the resistance of the A—B bond is effective only from the equilibrium 
to the transition distance and the total energy of this bond gives an 
exaggerated measure of the resistance when A is a readily polarizable 
atom. The driving force of the reaction, the formation of the B—C 
bond, is effective only from infinity to the transition distance. The 
more readily polarizable the base :C, the greater the proportion of 
the bond energy which is available at large distances. The result is 
that, apart from their base strengths, the polarizabilities of :A and 
:C tend to make the reactions fast. In consequence, atoms with 
many electron shells arc associated with fast reactions, whether their 
bonds are broken or whether they make bonds in the reaction. 

43. THE STRENGTH OF THE PRODUCT ACID OR BASE (A) 

According to the transition-state theory, the strength of the 
reactant and product bases of a three-center basic reaction affect the 
rate in opposite ways. The stronger the reacting base, the faster is 
the reaction; the stronger the base produced, the slower the reaction. 
A similar relationship holds for acidic reactions. In a complex reac¬ 
tion there is little doubt as to the identity of the reacting base, since 
the rate is determined by its concentration, but there is often con¬ 
siderable doubt as to the identity of the product base. For instance, 

•• Bronsted. J. N., Kilpatrick, Mary, and Kilpatrick, M., J, Am. Chem. Soc., 
51. 428 (1929;. 
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the rate of the basic hydrolysis of an ester varies with the concen¬ 
tration of hydroxide ion and the concentration of the ester. The 
former fact leaves no doubt that hydroxide ion is the reacting base, 
but the latter does not tell us what part of the ester molecule, 
RCOOR\ is the ])roduct base. The reaction may be determined by 
the base strength of 

O 

7 ?COO, d-R\ or RC~OR', 

Again, when the three-center reaction is greatly perturbed by the 
Lowry effect of the solvent, there is, strictly speaking, no basic prod¬ 
uct. Instead oi A:B \C —^A: + B:Cwg have 

NH-f- :CSR:A + B:C, 

where SH is the acid solvent. The basicity of : A resists the reaction 
by preventing the combination of B with :( 7 , but it also assists the 
reaction by combining with SH. For these reasons, the relation¬ 
ship between the strength of the product as a base or an acid and tlu^ 
rate of a basic or acidic reaction is not as clear-cut as the corre¬ 
sponding correlation of rate and basic or acidic strength of the 
reactant. 

When the conditions are such that the group that functions as A 
in the reaction A—B + C A + B — C can be definitely recognized, 
the expected correlation between the acidic or basic strength of the 
product and the reaction rate is found. This correlation can be 
expressed by equations corresponding to those of Bronsted, but with 
a change of sign. Thus for a basic reaction log k = log G + x log Ka^ 
and for an acidic reaction log k = log G — x log Ka , where Ka is the 
dissociation constant of the acid conjugate to the base formed, or 
the dissociation constant of an acid formed. 

There is no doubt that the reaction 

RCOOCSs + N(CH 8)3 RCOO- + N(CH 8 ) 4 + 

belongs to the type A:B + :C A: + and that A: corre¬ 

sponds to RCOO"^. The rate of this reaction should vary directly 
with the strength of the acid JSCOOH when R is changed. This 
comparison has been made by Hammett and Pfluger^ and they 

find that log fc is a linear function of log or 
log k = log G + X log Ka . 

Hammett, L. P., and Pfluger, H. L., J. Am, Chem. Soc., 56, 4079 (1933). 
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This relationship is shown in Table 47 , where x has been taken as 
0.8 and the accuracy of the relationship shown by the constancy of 
log G. The constancy is fairly good considering that aliphatic and 
ortho-substituted aromatic acids arc included. 

Table 47 

THE I.OOARITHMS OF THE RATE CONSTANT OF THE REACTION 

ncoocn, + ^(cr,),-^rcoo- + ncch,)/ and the dissociation 

CONSTANT OF KCOOH FOR VARTOHS /2-GROTJPS 


LoRaritlim of TvOgarithm of Dis- 
Acid Jiate Constant sociation Constant 


Acetic. -2.23 -4.74 1.55 

p-Toluic. —1.91 —4.35 1.57 

Benzoic. —1.79 —4.17 1.55 

o-Toluic. -1.78 -3.87 1.32 

Lactic. -1.45 -3.86 1.64 

o-Chlorobenzoic. —1.14 —2.88 1.16 

p-Nitrobenzoic. —0.95 —3.40 1.77 

Phthalic . -0.91 -3.18 1.63 

o-Nitrobenzoic. —0.5 —2.18 1.24 


Another example in whi(;h then* is a clear-cut nilationship between 
the base strength of A and the rate is the following reaction; 

NO2 



NO2 


The rates of these reactions increase as the substituent, X, makes A : 
(i.e., XC6H2(N02)20"*) a weaker base. The ascending order of the 
effects of the groups is the normal order for para substituents, i.e. 
N(CH8)2, OCH3, H, Cl, NO2. The range of rate constants is 
1.3 X 10 ^ fold. This is greater than 2 X 10 ^ the range of the 
dissociation constants of the corresponding monosubstituted phenols, 
XCsHbOH. 

In striking contrast with the foregoing is the effect of change of the 
para substituent of the reacting base 

(CiPzN— y—Y. 
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The reactions 


0 *N- 



CH, -f- (CH 3 ).N-<( V' 


NO2 

02 N—<(^ y—o- + (ch3)3n—</ y~Y 
\ 

NO2 


increase in spewed as the substituent, Y, makes :C (i.e. FC6H4N(CH3)2) 
a stronger base. The order of the effects of the Y groups is th (5 
reverse of that found when they are para substituents of the ether. 
These results are shown in Table 48 . 


Table 48 

RELATIVE RATES OF QUATERNIZATION OF (CH3)2NC6H40CH3 WITH 

xc6H2(N02)20CH3, and of (CH3)2NC6H4F with 

02NC3H2(N02)20CH3 at 35" IN ACETONE* 


X or y Group 

X in Ether 

Y in Amine 



Relative Rate 

M 

Kelati ve Rate 

P-N(CH3)2. 

0.0(KX)5 

1 

0.7 

5830 

P-OCH 3 . 

— 

— 

0.65 

5410 

P-CH.. 

0.0004 

8 

0.272 

2270 

H. 

0.001 

20 

0.11 

917 

p-Cl. 

0.0055 

110 

0.025 

208 

P-N 02 . 

0.65 

13000 

0.00012 

1 


* Hertel, E., and Liihrmann, II., Z. Elektrochem., 45, 405 (1939). 
t Bimolecular constant in moles per liter and hours. 


44. THE MIDDLE GROUP (B) IN THE THREE-CENTER REACTION 

As we have seen, in its present very elementary form the transition- 
state theory gives an indeterminate answer to the question as to 
how a change of B in A—B + C A + B—C affects the rate of 
an acidic or basic reaction. Hinshelwood, Laidler, and Timm^® 
attempt an answer for the effect of these structural changes on the 
heat of activation. This answer would be applicable to the rates 


Hinshelwood, T. N., Laidler, K. J., and Timm, E. W., J. Chem. Soc.y 
848 (1938). 
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also, as ^^enerally a decrease in the activation energy is act^ompanied 
by an increase in speed. They consider a change of stnicture in B 
as equivalent to a (change in charge of the atom bonded to A , and the 
competition between A and C for this atom as a competition of two 
charges for the opposite charge on B, The change gf charge on B pro¬ 
duces a double change on the energy of the transition state, one for tlie 
('fTe(‘t of the interaction of A and B and the other for that of B 


and C. 


These are: 



where Ca is the effective charge 


on A , Sch is the change in the charge of B produced by the variation 
of structure, Va is the distance between A and B in the transition state, 


and Vq is the equilibrium bond distance of A — B; and where ec 

Tc 

is the effective charge on C and Vc is the B to C distance in the 
transition state. 

The signs of the effective charges on A and C are the same, so that 


the two potential-energy terms 


Va 




and have opposite 
Tc 


('ffects on the activation energy. Thus in a basic reaction Ca and 

ec are negative charges, and, if her is positive, ~ — 1 ) increases 

ta \n / 

the activation energy, and decreases it. When hcu is negative, 

Tc 

the effects are reversed. In acidic reactions the relationship between 
the sign of den and its two effects on the activation energy is the 
ojiposite of that for basic reactions. In general, the distance Ta is 
not much greater than Tq , and the interaction of den with Cf7 is the 
predominant factor. Therefore, for basic reactions the heat of acti¬ 
vation is decreased by a positive Scb and increased by a negative 
one, and the reverse is true for acidic reactions. However, when 
the distances Va and Tb are much larger than the bond distance Tq , 


Ca^b 

Ta 


fe-O'' 


Ceden 


is greater in magnitude than-, and consequently 


Tc 


the effects of Ssb on the activation energies are reversed. The normal 
effect of a structural change that decreases the positive charge on 
B is to decrease the rate of a basic reaction and increase the rate of 
an acidic one; but when the transition state is diffuse (large separation 
of , H, and C) the effect is reversed. However, in both cases there 
is a definite order for the effects of a series of groups. 


In the original paper, Cq and have the opposite meanings, as the 
reaction is written A -p B—C A—B -j- C. 
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A structural change that increases the positive charge of tlie 
central group is one that increases its strength as an acid, and de¬ 
creases its strength as a base. In a basic reaction the central group 
is an acid and in an acidic reaction it is a base. There is therefore a 
correlation between the acidic or basic strength of the central group 
and the reaction rate. Normally, the stronger acid the central 
group is, the faster the basic reaction, but with a diffuse transition 
state the reverse is true. 

The relationship between the strength of an aromatic central group 
and the reaction rate is given approximately by Harnmett^s eejuation. 
Normally, for a basic reaction p is positive, but with a diffuse transi¬ 
tion state p is negative, hlammett cites sixteen cases of basic reac¬ 
tions in which the central group is aromatic and has been varied by 
meta and para substitutions. In all of these his equation is a fair 
approximation. In eleven of these p is positive. This confirms but 
does not prove that the majority of basic reactions have normal 
rather than diffuse transition states. That Hammettequation 
holds suggests that an equation similar to Bronsted^s equation would 
also give the relationship between the acidic or basic strength of the 
central group and the reaction rate. The equation for a basic reac¬ 
tion would be log k = log G x log Ka for a normal transition 
state, or log k = log G — x log Ka for a diffuse transition state. The 
equations for acidic reactions would be log k = log G -- x log Ka 
and log k == log G + x log Ka for normal and diffuse transition 
states, respectively. These equations have never been experi¬ 
mentally tested. 

46. INDUCTIVE AND TAUTOMERIC EFFECTS 

We have so far considered the effects of change of structure on 
reaction rate from the point of view of the thermodynamic properties 
of the transition state. Our deductions from the transition-state 
theory are, in the main, the same as those of Hinshelwood, although 
our approach has been somewhat different. In the paper quoted 
above, Hinshelwood notes that the deductions from the theory of the 
transition state are essentially the same as those made by the English 
school of chemists from a set of effects due to displacements of bond 
electrons from the midpoint of the bonds. We shall therefore give 
some account of these effects. 

The effects are divided into two classes: inductive or I effects and 
tautomeric or T effects. Each class may be considered either as a 
permanent displacement of the electrons or as imposed on a molecule 
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by the approach of a reap;cni molecule. Thus, / effects are perma¬ 
nent or Is , and dynamic or I,i , and are called, respectively, inductive 
and inductomeric effects. Similarly classified, the T effects become 
mesomeric or M and ehictromcric or E effects. 

I effects of both kinds are represented by the symbol and T 
effects by the symbol In both cases the arrow points in the 
direction of the electron displacement. 

An Is efff^ct is identical with what we have called a polar effect, and 
an M effect with what we have called a resonance effect, in considering 
the relationship between structure and equilibrium. The effect 
arises from the uiKwen sharing of electrons in a bond between two 
atoms of different species or is transmitted to a bond between 
similar atoms from such a source, or from a formal charge of a 
neighboring atom. The M effect is a displacement due to the contri¬ 
bution of an alternative resonating structure in which atoms have 
formal charges. Thus we may represent methyl chloride by H3C->~-Cl 
to show the electron displa cemen t in the bond between carbon and 

chlorine, and aniline by ^—NH2 to show the electron dis- 

placcanent due to the contri bution of the ortho and para quinoidal 
structures such as y)=NH2. 

When a bond with a marked Is effect (e.g., H3C Cl) is broken, 
reactions in which the bond electrons are displaced in the direction 
of the arrow are assumed to be more rapid than those in which the 
electrons are displaced in the opposite direction. Thus CH3CI reacts 
with OH~ to form CH3OH and Cl" more rapidly than it would to 
form CH4 and CIO". 

In reactions of the type A:B :C A: + BiC, any structural 
change of A that would reduce the potential of the negative charge 
on A : has the Ig effect of increasing the rate, and similarly any 
structural change in :(7 that has the opposite effect increases the 
rate of the reaction. Similarly, structural changes producing the M 

effects on A and C shown by the curved arrows in -f :C 
A: + B:C increase the reaction rate. These assumptions are quite 
natural. The correlation that exists between reaction rates and the 
strengths of reacting acids and bases is the experimental justification 
for them. 

With respect to structural changes in B, it is generally assumed 
that an /« effect that increases the positive charge on B accelerates 
the reaction A:B + :C A: + B:C, It is recognized that this 
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cannot bo inadf' a universal rule. Wlien A: and B arc separal-od 
with veiy little assistance from :C, this rule must be reversed. 

The inductomeric effect is similar to the effect of polarizability 
which we have discussed in considerin^i; the deviation from the rule 
that the stronger the reacting base or acid, the faster the reaction. 
Thus the greater reactivity in three-centered basic reactions of both 
alkyl bromides and bromide ions than of the corresponding chlorine 
compounds is to be attributed to greater inductomeric possibilities of 
bromine atoms. 

Later we shall consider the effect of resonance in the reactants and 
in the transition state on reaction rate. These correspond to the M 
and E effects. 

46. THE EFFECT OF BRANCHING CHAINS 

The rates of reaction of alkyl compounds vary with the degree of 
branching of the chain. The effect is most marked the nearer the 
branching is to the point of reaction. Hence in any general reaction 
of alkyl compounds the rate depends on whether the reactant is a 
piimaiy, secondary, or tertiary alkyl compound. The relationship 
between the rates and the structure of the radicals changes with the 
type of reaction considered. In general, reactions of alkyl com- 

Table 49 

RELATIVE RATES OF ESTERIFICATION OF P-O 2 NCCH 4 COCI 
BY ALCOHOLS 


Alcohol 

Number 

Measured 

Relative 

Rate 

Per Cent 
Average 
Deviation 

Methyl alcohol. 

. 1 

2.40 


Normal primary alcohols. 

. 6 

1.0 

8.7 

2 -Methyl-l-ols. 

. 3. 

0.44 

5.3 

3-Methyl-l-ols. 

. 3 

0.97 

2.7 

Secondary alcohols. 

. 6 

0.078 

32 

Tertiary alcohols. 

. 3 

0.029 

24 

Aromatic primary alcohols. 

. 3 

0.33 

38 

Aromatic secondary alcohols. 

. 3 

0.0065 

0 


pounds can be divided into two classes: one in which tertiary alkyl 
compounds react faster than secondary and these in turn faster than 
primary, and the other in which this order is reversed. These orders 
are found not only when the alkyl radical is attached to a group that 
is removed in the reaction but also when its bond remains intact 
during the reaction. Thus the various alcohols react at different 
speeds with carboxylic acyl compounds, though in these processes 
the alkyl oxygen bond is not ruptured. The above table shows 
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tlie relative rates of reaction of some types of alcohols with p-nitro- 
benzoyl chloride taken from the work of Norris, Ashdown, and 
Cortoso.®® 

Somewhat similar results arc obtained by comparing the relative 
rates of acetal formation for acetaldehyde and various alcohols®^ as 
shown in Table 50. 


Table 50 

RELATIVE RATES OF FORMATION OF ACETALS USING 
ACETALDEHYDE AND VARIOUS ALCOHOLS 


Alcohol Relative Rate 


Methyl alcohol. 1.0 

Ethyl alcohol . 0.50 

Propyl alcohol . 0.46 

n-Butyl alcohol . 1.3 

?i-Heptyl alcohol . 2.25 

2-Propanol. . 0.042 

2-Butanol . 0.054 

2 -Pentanol. . 0.006 

/crUButyl alcohol . 0.005 


The acetal reaction is unusual in that, in a reaction that is faster 
for primary than for secondary alcohols, methyl alcohol is not the 
most reactive of the simple alcohols. The relative rates indicate that 
the raters t(ind to increase with the number of carbon atoms. The 
reason for this increase is that an acid catalyst is used and the alco¬ 
hols are diluted only with the aldehyde. The activity of the catalyst 
increases as the per cent of oxygen in the solvent molecule diminishes, 
so that the catalyst is more active when an alcohol of high molecular 
weight than when one of low molecular weight is used. 

Reactions of alkyl halides with hydroxide ion or amines (primary, 
secondary, or tertiary), the reaction of alkyl quaternary ammonium 
ions with hydroxide ion, and the reaction of trialkyl sulfonium ions 
with hydroxide ion are other instances in which the methyl com¬ 
pound reacts faster than the ethyl, the compounds of primary 
radicals faster than those of the secondary, and the latter faster than 
those of tertiary radicals. These reactions as a rule show a ratio of 
about 10 to 1 for the reaction rate of the methyl compound to that 
of the ethyl. The comparative reaction rates of ethyl and isopropyl 
or tertrhutyl are often difficult to obtain, owing to the tendency 

Norris, J. F., and Ashdown, A. A., J. 'Am, Chem. Soc., 47,^837 (1925); 
Norris, J. F., and Cortese, F., J, Am. Chem. Soc.y 49, 2640 (1927). 

Fehlandt, P. R., and Adkins, H., J. Am. Chem. Soc., 67, 193 (1935); and 
Hatch, G. B., and Adkins, H., ibid., 69, 1694 (1937). 















432 


THREE-CENTER REACTIONS 


[Ch. IX, §^61 


for other reactions to occur with secondary and tertiary compounds. 
Hught^s, Ingold, and Shapiro^^ have separated the reaction of iso¬ 
propyl halides with aqueous alcoholic solutions of sodium hydroxide 
into its component parts and found that the bimolecular alkaline 
hydrolysis is only about ^ as fast as the corresponding reaction of 
the ethyl halide. 

On the oth(^r hand, the order of rates Tertiary > Secondary > 
Primary holds for a great number of reactions. A few examples are 
the hydrolyses and alcoholyses of alkyl halides without aid from 
hydroxide ion; the formation of alcohols from trialkyl sulfonium ions 
without the aid of strongly basic negative ions; the formation of 
ethylene derivatives from the halides and from the alkyl quaternary 
ammonium ions in basic solution, or from the alcohols in acid solu¬ 
tion. In some of these the reaction rate of the tertiary compound is 


I^ABLE 51 

COMPARISON OF THE REACTIONS OF SOME ALKYL 
BROMIDES WITH PYRIDINE 


Alkyl Bromide 

Relative Rato 
of Alkene 
Formation 

Relative Rate of 
Quaternary Ammonium 
Salt Formation 

Ethyl bromide. 

. 1.5 

2.1 

n-Propyl bromide. 

. 1.5 

1.4 

n-Butyl bromide. 

. 1.0 

1.0 

fSo-Butyl bromide. 

. 1.5 

0.07“^ 

A’ec-Propyl bromide . 

. 10.0 

0.14 

sec-Butyl bromide. 

. 13.5 

0.09 

^er^-Butyl bromide . 

. 875 

Not measurable 


• This branched but primary bromide quaternizes at a rate characteristic of secondary rather 
than of primary bromides. 

enormously greater than that of the secondary. Thus the work of 
Hughes, Ingold, and Gleave^ has shown that ^^-biityl and scc-propyl 
alcohols are eliminated from their trialkyl sulfonium ions without the 
aid of a basic negative ion, but the elimination of the tertiary alcohol 
is 2600 times as fast as that of the secondary. In the unimolecular 
hydrolysis^^ and alcoholysis this ratio can reach an order of magni¬ 
tude of 10^. 

Table 51, from the wmrk of Noller and Dinsmore,®*^ shows the 

*2 Hughes, E. D., Ingold, C. K., and Shapiro, U. G., J. Chem. Soc., 225 
(1936); 1177 (1937). 

Hughes, E. D., Ingold, C. K., and Gleave, J. L., J. Chem. Soc., 1571 
(1933); 236 (1935). 

Cooper, K. A., and Hughes, E. D., J. Chem. Soc., 1183 (1937). 

Noller, C. R., and Dinsmore, R., /. Am. Chem. Soc., 64, 1025 (1932). 
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behavior of alkyl bromides with pyridine, with which they can react 
in two ways: to form an ethylene derivative or to form a quaternary 
ammonium salt. The former is a reaction where the order of rates 
is Tertiary > Secondary > Primary; in the latter, the order is 
reversed. 

Th(i differences in the reaction rates of primary, secondary, and 
tertiary alkyl compounds are generally attributed to the inductive 
effect. The replacement of a hydrogen atom by a methyl group is 
acid-w(‘akening; i.e., it induces a negative charge on the atom on 
which the substitution has occurred, and also but to a less extent on 
the next atom. It therefore increases the ease of ionization of a 
halide ion from the molecule. This ease of separation can be more 
than compensated for by the smaller attraction for the reacting base. 
Consecpiently, the primary halides require a stronger basic reagent 
than the tertiary halides, but this order is reversed when the reagent 
acts as an ionizing rather than a basic reagent. 

There seems little doubt that the inductive effect is responsible to 
a large (extent for the relative rates of the reactions of primary, 
secondary, and tertiary alkyl compounds, but it is very doubtful 
that it is a complete explanation. The general reason for this skep¬ 
ticism is the insufficiency of the inductive effect to explain the results 
of alkyl for hydrogen substitution in static problems. Thus this 
substitution may produce increase instead of decrease in acidic 
strength, as in certain malonic acids, in aminoacetic acids, or in the 
change from secondary to tertiary ammonium ions. The primary, 
secondary, or tertiary character of carbon atoms produces strong 
effects on equilibria in which no definite difference in the polarities of 
reactants and products is apparent: e.g., in the reduction of ethyl- 
enes, in carbon bond energies, and in free radicals (see Chapter VII). 
Even the simplest inductive effect of this substitution, the produc¬ 
tion of an electric dipole in the change from benzene to toluene, is 
not explicable as a purely inductive effect; for, in the configuration 
obtained by using regular tetrahedra for the carbon atoms, the result¬ 
ant of the three C—H dipoles of the methyl group is not balanced 
by that of the para C—H dipole. It would seem that there is no 
completely satisfactory explanation of all the effects resulting from 
the branching of the carbon chain. 

Some specific objections can and have been raised to the explana¬ 
tion of the effects on the relative reaction rates of primary, secondary, 
and tertiary alkyl compounds as a simple inductive effect. Taylor®® 

••Taylor, W., J. Chem. Soc., 992 (1937). 



434 


THREE-CENTER REACTIONS 


(Ch. IX, §47J 


has shown that the order of velocities of the r(^a(4,ions of bromides 
with aqueous alcohol is tert-h\ity\ » methyl > scc-propyl > ethyh 
The order of inductive effects is /cr/-hutyl > scc-propyl > ethyl > 
methyl. This objection is probably not valid, as water or alcohol 
may have two independent, actions on the bromide—as a base or as 
an ionizing agent—each reaction having its own transition state. 
Methyl bromide may react faster by the former reaction than propyl 
bromide does by the latter. 

It is difficult to see how the relative inductive effecrts could result 
in the rule that, in alkene formation by the action of a base on an 
alkyl halide, the hydrogen from Hie least hydrogemated carbon atom 
adjacent to the halogenated (carbon atom is removed. Thus CH 3 — 
(Til—CH(CH 3)2 forms CTi.^—CH=C:(CH 3)2 rather than CH 2 = 
C^H—CH(CH 3)2 . If ionization of the chloride ion is preferred from 

4 - 

/? 3 CC 1 rather than from /?CH 2 C 1 , then R 3 C is a weaker acid than 

+ — 

RCH 2 , and R3C: is a stronger base than /i?CH 2 :. The removal of 
hydrogen ion by a bas(i would be expected on these grounds i-o be 
faster from 7^CH2H than from RsCH. Hence the expected product 
would be CH 2 ==CH—CH(CH3)2 . 

The measurements shown in Table 49 are also difficult to explain 
on inductive effects alone. Without knowing more about the inti¬ 
mate mechanism of the reaction* ROll + O 2 NC 6 H 4 COCI —^ 
02 NC 6 H 4 C 0 ()R + H(i than we do, it is not povssible to predict the 
order to be expected from inductive effects. But the experiments 
show that the substitution of a methyl radical for a hydrogen atom 
in the R group di^creasc^s the rate of reaction, and this effect is more 
marked the nearer the substitution is to the point of reaction. How¬ 
ever, the order of I effects is CH3 , H, CeHs , so that the introduction 
of a phenyl group instead of an alkyl one into the alcohol might be 
expected to have the opposite effect of that of a methyl group; or, 
if one allows for a certain amount of error in obtaining the relative / 
effects of groups, and assumes the order of I effects to be CH3, 
CeHs, H, the phenyl group might, like the methyl group, decrease 
the rate, but to a much less extent. The actual values show that 
the introduction of the phenyl group decreases the reaction rate to a 
much greater extent than does the methyl group. The relative rates 
are 1 for 77 CH 2 OH, and 0.078 for 7^2CHOH, but 0.0065 for 
T^ArCHOH. 

47. THE EFFECT OF RESONANCE ON REACTION RATE 

It follows from the theory that the rate of a reaction is propor¬ 
tional to the free energy difference between the transition state and 
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the reactants. Therefore, resonance increases the rate of reaction 
when the resonance energy is greater for the transition state than for 
the reactants, and decreases the rate when the reverse is true. It is 
quite common to find that a compound which would give a highly 
resonating product if a certain bond were dissociated reacts rapidly 
with reagents that attack this bond. The high rat(' of rea(^ti()n is a 
resonance effect. However, in these cases the activation energy is 
often not abnormally low. The rate appears to be more susceptihk^ 
to resonance than does the activation energy. If we consider the 
transition state as the top of a ridge separating the vall(^ys (reactants 
and products), resonance reduces the height of the', entire ridge. 
The higher parts of this ridge can be more favorable for resonance 
than the lower, and the proportion of tlu^ reacting molecules that 
pass through these higher energy configurations is increased by reso¬ 
nance. In consequence, though the height of the transition barrk^r 
as a whole' is lowered and the number of molecules per second passing 
across it is increased, the average heught across which the molecules 
pass (activation energy) need not be decreased. 

47a. Effect of resonance in a reacting or product base. Let us 
consider a reaction of tlu' typ(' A\B :C A: B:C in whicdi 

:C is the resonating structure (: M— P=Qy M—P —Q:). The inter¬ 
action of \M and P—Q is greater in th(' rea(‘tant, :M — P—Qy than 
it is in the transition state, A :B:M — P—Q, since in the latter the 
basicity of :M is to some extent neutralized by B. From our funda¬ 
mental axiom, the resonance {:M — P—Q, M—P —Q:) here de¬ 
creases the reaction rate. 

Were we to assume that this resonance' were absent in the transi¬ 
tion state, the resonance term in the free energy of the base would 
apply equally to the equilibrium constant for the addition of a proton 
and to that for the formation of the transition state. The magnitude 
of the resonance effect R would be the same in the expressions for 
the dissociation constant of the acid and the rate of the reaction; 
i.e., log Ka = log JXo + R and log ka = log /bo — R, where Kq and /bo 
are the values that the dissociation constant of the acid and the 
rate constant for a reaction of its bavse would have if there were no 
resonance at all. By Br6nsted\s equation, log /co = log G — x 
log , so that log ka = log G — x log Ka A- {x — \ )R. Hence 
Bronsted^s equation, log ka — log G — x log Ka , would not apply 
to a resonating base unless x were nearly equal to one. However, 
experimentally it seems to apply equally well to resonating and non¬ 
resonating bases; hence we may assume the resonance is in part 
retained in the transition state. The molecular conditions arranged 
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in ascending order of the degree to which the electron pair of a base 
partakes of resonance with an adjacent double bond can be given 
(1) as in stable combination, (2) as in a transition state, and (8) as 
the free base. If this is so, then in the reaction A\B -C —> 
A\ + R: C, if A : is : M — P—Qy there is more intcn-action between : M 
and P=Q in the transition state than thca-e is in the reactant 
{Q~P — M:B). Hence the resonance increases the rate of reaction. 
We then have the rule that :M — P=Q is a slowly reacting base, 
but its compound {Q=P — M\B) reacts rapidly with bases. This 
rule is illustrated by the effects of the resonance of a para nitro group 
on the reaction 

XC6H2(N02)20CH3 + (CH3)2NC^6H4F 

XC6H2(N02)20- + (CH3)3NC6H4F 

(see Table 48); when F is the p-nitro group in the reacting base the 
reaction is very slow, but when X is the p-nitro group of the methoxy 
compound the reaction with tln^ base is very fast. 

47b. Resonance of the middle group of the transition state. Ap¬ 
parently in the transition state oi A\B + :C —> /I: + R:(7, and of 
other three-center reactions, resonance occurs not only with groui)s 
in A and C as we have shown above but also with groups in R, for 
we find that structural changes in B that produce a greater resonance 
in B than m A:B increase the rate of reaction. The movst important 
of these structural changes are the introduction of a double bond 
so that B becomes a group of the type M — P—Q, with M either 
lacking or having unshared electrons, and the introduction of an atom 
of markedly basic character so that B becomes a group of the type 
M — P: in which M is acidic and P bavsic. 

We have seen that when the structural form of a reactant is such 
that its resonance is decreased when it combines, the reaction rate 
is retarded but when it is such that the breaking of a bond would 
increase the resonance, a reaction in which that bond is broken is 
accelerated. This is expresvsing certain well-known generalizations 
in terms of a theory. The first generalization is that when the com¬ 
bining atom of a base is attached to a pair of doubly bonded atoms 
(i.e., is alpha to the double bond) it is a less reactive base than one 
in which this relationship is not present. For example, the nega¬ 
tively charged oxygen atom of a carboxylate ion or of a phenolate ion 
is alpha to a double bond, and these ions react much less rapidly in 
general than do alcoholate ions. The second generalization is that 
a reaction that breaks the bond of an atom alpha to a double bond 
is abnormally fast. The third generalization is that if the products 



fCn. LX, §47b| 


THREE-CENTER REACTIONS 


437 


of the reaction are such that it appears that the electrons move away 
from an atom attached to a basic atom (one having unshared elec¬ 
trons of appreciable combining power), the reaction is abnormally fast. 
For example, in the hydrolysis of an ether the electrons of the C—O 
bond would be removed from the carbon. Hence by this rule an acetal, 

OR 

/ 

T^CH 

\ 

07? 

since it has another basic oxygen atom attached to the carbon atom, 
is an abnormally rapidly hydrolyzed ether. The first of theses rules 
applies to C in A — B + C A + B —C; the second and third apply 
to A —R, irrespective of whether the structural peculiarity mentioned 
in the rule is situatc'd in A or in B. 

Table 52 taken from the work of Conant, Kirner and Hussey®’^ 
shows an application of the last two of the above rules. The reaction 
is between organic chlorides and potassium iodide in acetone solution. 
It is probably a threeveenter basic reaction with iodide ion attacking 
the organic radical and releasing chloride ion. The relative rates of 
similar halides reacting with tertiary amines or negative ions are 
very similar and show the same phenomenon. The compounds 

having as part of their structures C=C—C—Cl, C—Cl, 

0=C—C—Cl, N=C - C—Cl, and O—C—Cl, all react much 
more rapidly than saturated alkyl compounds. These two rules 
must be qualified by the proviso that the bond in A — B is not of 
such a character as to permit a strong resonance interaction with 
the unsaturated group, for in that case the resonance could be greater 
in the reactant than in the transition state. This proviso would 
be applicable if the bond between A and B were a double one, or if 
the contribution of an ionic component to the A—B bond were great. 

The relative rates shown in Table 52 and those of similar reactions 
that might have been used to illustrate the rules also have some other 
characteristics in common. Thus, when an oxygen atom is alpha 
to a carbonyl group, the interaction between them diminishes the 
basicity of the oxygen atom and the un saturated character of the 
carbonyl group. Consequently the reaction of 

O 

II 

_CH,C—O—CHj—Cl 

” Conant, J. B., Kirner, W. R., and Hussey, R. E., J. Am. Chem. Soc., 46. 
.■232 (1924): 47, 476, 488 (1925). 
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is slower than that of CHsO—CH 2 —Cl, and the reaction of an 
a-chloro ester is slower than that of an of-chloro ketone. The lattei' 
phenomenon is due to the same causes which make the dissociations 
and enolizations of /3-ketonic esters smaller than those of 1,3-dike¬ 
tones. While these relationships are to be expected from the reso¬ 
nance theory, another peculiarity of the relative rates is shown in 
Table 52, and by other cases of high reactivity of alpha halogen 
atoms, which is not in accord with a simple Resonance explanation 
of the phenomena. This relationship is that C—Cl bonds alpha 
to a carbonyl group are mu(4i more reactivci than those alpha 

Table 52 

RELATIVE RATES OF REACTION OF .^Cl WITH KI IN ACT^TONE 


No Direct Interaction 

j Direcit Interaction 

Compound 

Relative Rate* 

Compound 

Relative Rate^ 

W-C 4 H 9 CI. 

. 1.00 

CcHfiCOCHaCl 

. 105000 

CaHfiCl . 

. 1.94 

CHsCOCHaCl 

35700 

n-CsHiiCl. 

. 1.26 

N=C—CH 2 CI. 

.... 3070 



0 

II 


iso-CfiHiiCl . 

. 0.65 

CHjC —0 -CH 2 CI. 

.... 270 



0 

II 


CHaCHClCHs. 

. 0.015 

C 2 H 5 OC—CH 2 CI . 

1720 



0 

II 


n-C,HrCHClCH,. 

. 0.048 

(C 2 H 60 C) 2 CHC 1 

... 60200 

(CHa) 8 CCl. 

. 0.018 

CH 2 =CH—CH 2 CI 

.... 79 

cyclo-CeHiiCl. 

. 0.0001 

C 6 H 6 CH 2 C 1 . 

.... 197 

C 6 H 6 (CH 2 ) 3 C 1 . 

. 1.35 

(C 6 H 6 ) 8 CC 1 . 

.... 38000 

C 6 H 6 C 0 (CH 2 ) 3 C 1 . 

. 230b 

CH«0 -CH 2 CI. 

918 


At 60®C. ^ At SO^C. 


to an aromatic nucleus or to an ethylenic double bond. As¬ 
suming the resonance to be between a positively charged atom 
and the double bond, there seems to be no reason why it should be 
more effective in the carbonyl than in the allyl or benzyl compounds. 
The transition state of the reaction of a-chloroacetone with iodide 
ion might be 

O 

- + - II 

I: Cl :CHj—C—CHs, 

in which case a very strong interaction between :C“ and C=0 
would occur. Reactions of this type can actually occur. Thus 
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Olson^s considers that it can be definitely shown that, in the re¬ 
arrangement 

CH3COCHBrCOOC2H6 -> CHzBrCOCHzCOOCzHs 

catalyzed by HBr, bromine is formed as an intermediate. How¬ 
ever, this theory of the high reactivity of bromine alpha to C=0 
compared to that of bromine alpha to C—C docs not account for the 
fact that this higher reactivity is also found in reactions with tertiary 
amines and alcoholate ions. The reaction of a tertiary amine or an 
alcoholate ion with an organic halide produces a Walden inversion. 
The amine or other l)ase must therefore be attached to the carbon 
and not to the halogen atom in the transition state. 

A better and more general explanation of the high reactivity of a 
halogen attached to a carbon atom alpha to a carbonyl group can 
be obtained by considering all the resonating electronic distributions 
of the transition state. For the transition state of the reaction 

/t*COCH 2 Cl + N7?3 —^ ftCOCH 2 N/i ^3 + Cl“, the resonance is between 
the following electronic distributions: 



:0: :C1: 

:0: 

:CI: 

: 0 : :C 1 ; 

(1) 

RC : CHa, 

(2) RC 

: CH2, 

( 3 ) RC ; CH.,, 


N/B, 


N^3 

NKa 


;0: 

:C\: 

;0: 

• • 4* 

;C 1 : 


(4) RC 

: CHj, 

(5) RC 

: CH2, 



4-4- 

NRs 


NRs 


:0: :Cl 7 

:0: 

:Cll 

• • ~ • • 4- 

: 0 : :C 1 : 

(6) 

RC : : CHs, 

(7) RC: 

:CH2, 

(8) RC :: CH,. 


NRt 


4-4- 

Nfls 

Ni?a 


Distributions (1) to (5) involve no interaction with the double 
bond. Distribution (6) is more stable in allyl and benzyl compounds 
than in carbonyl ones; but distribution (7) and (8) are more stable 


** Olson, A. R., private commiimcation. 
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in carbonyl than in allyl and benzyl compounds. Were tlio resonance 
effect of the double bond on the transition state due only to distri¬ 
bution (6), the a-halogen ketones would not be as reactive as the 
allyl and benzyl halides; but distributions (7) and (8) contribute 
strongly when and only when the double bond is one to an atom that 
can readily become negatively charged. This is especially the case 
with C=0 and C=N, and halogens on carbon atoms alpha to these 
groups are exceedingly reactive. 

The activation of the alpha C—Cl bond by a carbonyl group is 
small compared to the corresponding activation of an alpha C—H 
bond. This activation can lead to a new path for the reaction, for 
it permits an acid- or base-catalyzed enolization to be the master 
reaction. This occurs in the halogenation of ketones and aldehydes 
at the alpha position. The rate of the reaction is then independent 
of the concentration and nature of the halogen. The important 
transition state (that for the master reaction) does not include 
the halogen. In other cases an ionization may be involved in the 
mechanism, but is not the master reaction. The important transi¬ 
tion state then includes the other reactant but not the alpha hydrogen 
atom. Finally there may be no preliminary enolization, and both 
reactants and the a-hydrogen atom are included in the transition 
state. In all these cases the rate is increased by resonance, for there 
is little resonance in the reactants but more resonance in the transi¬ 
tion state. 

47c. Resonance effects of para substituents. Substitution changes 
a property of a compound not only through the direct action of the 
polarity and resonance of the introduced group, but also because by 
induction, resonance, or steric hindrance it alters the resonance and 
inductive effects which were present in the original compound. The 
effect of a substituent group therefore depends on the compound in 
which it is introduced. This generalization is as applicable to the 
rate of a reaction as it is to any other property. In aromatic com¬ 
pounds the effects of substituent groups are generally complicated in 
this way. Often the group resonates with the benzene ring and so 
changes the polarity of the ring or its resonance with other parts of 
the molecule. Further, the benzene nucleus often has large reso¬ 
nance effects on reaction velocities, and these resonances arise from 
forms that have formal charges in the ring and are therefore pro¬ 
foundly affected by the polar character of a substituent group. 
Nevertheless, we have seen in discussing the strengths of aromatic 
acids that the relative effects of meta and para substitutions are to a 
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great extent invariant to a change in the parent acid, tliough the 
effect of any one group depends greatly on the parent acid. Ham¬ 
mett has shown that this invariance of the effect of a substitution 
in a benzene ring is also largely tnic of reaction rates as well as acid 
strength. That is, the equation In k = In ko + ap holds both for 
rate and for equilibrium constants. 

We have seen that in the acid strengths this invariance is found in 
meta substitutions and in para substitutions only when the group 
has no great resonance interaction with the basic atom produced by 
the dissociation of a proton. But groups such as NO 2 , B(OH) 2 , 
C=N, etc., when in the para position, resonate strongly with the 
basic atom of phenolate ions and anilines, and their para a values, 
calculated from the dissociation constants of phenylboric and aro¬ 
matic carboxylic acids, cannot be used to calculate the strengths of 
phenols and anilines with these groups in the para position. Special 
a values can be assigned for these groups in the para position of 
phenols and anilines, or a term could be added to log Ka to correct 
for the extra resonance. 

This extra resonance effect must also exist in the reaction rates of 
such para substituted phenols and anilines, when the resonance is 
markedly affected by the change from reactant to transition state. 
Thus in the reaction 

NO 2 

.Y<^ ^OCH, + (CH3)2N<^ -> 

^ NO 2 

NO 2 

^O- + (CH3)3N<^ )>f, 

N 02 

when X =*= NO 2 there is more resonance of this type in the transi¬ 
tion state than in the reactants; but when Y = NO 2 this resonance 
is greater in the reactants than in the transition state. Consequently 
the use of (7-(p-N02) as obtained from benzoic acids to calculate the 
rate gives too low a value when X = NO 2 and too high a value 
when Y == NO 2 . If the values of <r(p-Cl) and <r(p-N02-benzoic) 
given in Table 46, and the values of the reaction rates when X = Cl, 
Y = OCHs, and X = H, F = OCH 3 (see Table 48) are used, then 
the value of log A for X = NO 2 , F = OCH 3 can be calculated. 
Similarly, log A; for X = NO 2 , F = NO 2 can be calculated from 
X = NO 2 , F = Cl, and X = NO 2 , F == H. A comparison of 
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calculated and observed values confirms the prediction. The calcu¬ 
lated values of log A: for X = NO 2 , Y = OCH., is less than that 
observed: —0.47 and —0.18, respectively; and the calculated value 
for Z = NO 2 , F = NO 2 is greater than that observed: —3.16 and 
—3.92, respectively. 

The basic groups—amino, hydroxyl, and alkoxyl—can also produce 
extra resonance when they are para to a group that readily accepts 
electrons. When this resonance is markedly greater in the transi¬ 
tion state than in the ground state, the reaction will be anomalously 
fast. This rapidity is to be expected in th(‘ replacement of a negative 
ion from an atom para to the basic group when p for the reaction is 
negative, for a negative value of p indicates that the atom at which 

Table 53 


THE CALCULATED AND OBSERVED VALUES OF THE RELATIVE 
RATES OF THE ALCOHOLYSES OF PARA DERIVATIVES OF 
BENZOYLCHLORIDE AND TRIPHENYLMETHYL CHLORIDE 




XCeH4COCl + CjHjOH 
p = 1.38 

XC<iH4CCl(C6in)2 + CjHsOH 
p « -2.38 

X Group 

<r 

T * 

liOg (Calc.) 

T * 

Log (Calc.) 

P-NO 2 

0.778 

1.28 

1.08 

-1.96 

-1.85 

p-i 

0.276 

0.279 

0.3.59 

-0.461 

-0.657 

p-Br 

0.232 

0.322 

(0.322) 

-0.553 

-(0.553) 

p-Cl 

0.227 

0.279 

0.316 

-0.495 

-0.539 

p-F 

0.062 

0.040 

0.080 

-0.120 

-0.167 

p-CH, 

-0.170 

-0.222 

-0.237 

0.613 

0.405 

p-OCH, 

-0.268 

-0,310 

-0.372 

>1.95 

0.638 


one base is being replaced by another lacks electrons in the transi¬ 
tion state. 

The foregoing has been illustrated in Table 53, taken from the 
work of Nixon and Branch.^® The relative rates of the alcoholyses 
of two types of p-substituted aromatic compounds, benzoyl chlorides 
and trityl chlorides, have been calculated from the rates for the 
7 ?-bromo derivatives, using Hammett's values for cr, and compared 
with the observed values. The alcoholysis of the benzoyl chlorides 
has a positive value of p, and the calculated and observed values 
agree as closely as can be expected. The alcoholysis of the trityl 
chloride has a negative value of p, and here the calculated and ob¬ 
served values agree as closely as can be expected except that of 

»* Nixon, A. C., and Branch, G. E. K., J. Am. Chem. Soc., 68, 492 (1936); 
Branch, G. E. K., and Nixon, A. C., J. Am. Chem. Soc., 68, 2499 (1936). 






(Ch. IX, §48] 


THREE-CENTER REACTIONS 


443 


2 ?-methoxytriphenylmethyl chloride. The rate constant for the alco¬ 
holysis of this substance is more than twenty times as great as the 
calculated value. 

48. STERIC EFFECTS 

The equilibrium between reactants and the transition state, like 
other equilibria, is affected by the repulsions between atoms that are 
brought near to each other as a result of the steric requirements of 
bond distances and angles. When the effects of these repulsions are 
to increase the free energy of the reactants more than that of the 
transition state, these vSteric requirements increase the reaction rate, 
and wluin the reverse is the case the reaction is retarded. As we 
have seen in discussing equilibria, the steric factor acts in various 
ways. The simple repulsion between groups can be different in the 
two systems. The steric factor can impose a configuration in which 
the directly transmitted effects of the polarities of substituent groups 
is either at a maximum or at a minimum. The repulsions between 
groups can interha’e with configurations favorable to resonance. 
The steric factor also determines the formation of chelate rings. In 
view of this complexity, we do not know very much about steric 
effects on reaction rates. Their existence was demonstrated many 
years ago, and they were called steric hindrances. It was assumed 
that groups prevented n^actions by getting in the way of the approach 
of the reactive parts of the reactants. However, steric effects can 
result in an increase as well as a decrease of reaction rates. 

Substitution in the ortho position is one of the commonest causes 
of steric effects. The earliest observation of the steric effect of 
ortho groups was made by Hofmann/® who found that 



and related dimethylanilines with both ortho positions occupied form 
quaternary salts very slowly when heated with methyl iodide at 150°. 

The theory of a steric effect was first advanced by V. Meyer to 
account for the slow esterification of ortho-substituted benzoic acids. 
Goldschmidt^^ and Kellas^^ found that ortho-substituted methyl-, 


40 Hofmann, A. W., Rcr., 5, 713, 718 (1872). 

« Goldschmidt, H., Ber., 28, 3218 (1895). 

4* Kellas, A. M., Z. physik. Chem., 24, 221 (1897). 
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chloro-, bromo-, iodo-, and nitrobenzoic acids are all esterified more 
slowly than benzoic acid. Thus after two hours at 51 using the same 
concentration of hydrochloric acid, the percentages esterified were 
82.5 for benzoic acid, 50.9 for o-chlorobenzoic acid, 48.t3 for o-methyl- 
benzoic acid, 20.5foro-iodobenzoic acid, and 8 . 6 forn-nitrobenzoic acid. 
These differences are not due to the steric factor alone, but the exist¬ 
ence of the steric factor is shown by the similar behavior of methyl 
and nitro groups, whi(4i in general have opposite eff(‘cts. In the 
base-catalyzed hydrolyses of ortho-substituted esters, the nitro 
derivative is more active than the mc'thyl one. In fact, the ester 
of o-nitrobenzoic acid hydrolyzes faster than that of benzoic acid in 
an alcoholic solution of potassium hydroxide. Even here steric 
hindrance is apparent, for o-nitrobenzoic ester hydrolyzes only a 
little faster than benzoic ester, but o-toluic ester hydrolyzes very 
much slower than benzoic ester. Should we extend the rule—that 
the relative effects of groups on the dissociation constant of a benzoic 
acid arc the same as those on the rate of a reaction of an aromatic 
compound—to include ortho substituents, we would assume that 
n-toluic ester hydrolyzes a little faster than benzoic ester, and 
o-nitrobenzoic ester hydrolyzes very much faster. The alkaline 
hydrolysis of an ester of an aromatic acid is a reaction whose rate 
increases with the strength of the corresponding acid (p is positive) 
and the order of strengths of the acids are 0 -O 2 NC 6 H 4 COOH » 
0 -CH 3 C 6 H 4 COOH > CeHsCOOH. 

The steric effects of ortho substituents are greatly enhanced when 
both ortho hydrogen atoms have been replaced. Meyer^^ based his 
theory largely on a study of the esterification of di-ortho-substituted 
benzoic acids. When CH 3 , OH, and F are the substituents in the two 
ortho positions, benzoic acids do not esterify appreciably in twelve 
hours at 0 ® when their alcoholic solutions are saturated with hydro¬ 
chloric acid. They do, however, esterify when hydrochloric acid gas 
is passed through their boiling alcoholic solutions. Even if the lat¬ 
ter method is used, there is practically no esterification when both 
ortho positions are occupied by such groups as Cl, Br, I, and NO 2 . 

Countless examples of the steric effects of ortho substitution can 
be cited, but we shall content ourselves with the exceedingly interest¬ 
ing example of the reactions of ortho-substituted benzoyl chlorides 
with alcohol. These have been studied by Norris and his co- 


Meyer, V., Rer., 28, 1254 (1895); also van Loon, J., and Meyer, V., Ber., 
29, 839 (1896). 
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workers.^ The rate of alcoholysis of benzoyl chloride is increased 
by para substitution of nitro and chloro groups, but decreased b 3 ^ 
para substitution of methyl and methoxy groups. A single o-nitro 
group increases the rate of reaction, but not nearly as much as a 
p-nitro group. A single o-chlorine also increases the rate and indeed 
more than that of a p-chlorine. The para chloro compound reacts 
about twice as fast as benzoyl chloride and the ortho isomer about 
three and a half times as fast. If one considers that the strength of 
benzoic acid is increased much more by an ortho than by a para 
nitro group, and is increased only 50 per cent by a p-chlorine but 
twenty fold by an o-chlorine, the o-nitro group and o-chlorine atoms 
either have a marked steric effect on the alcoholysis rate of benzoyl 
chlorides or have marked acid-strengthening steric effects on the 
strength of benzoic acid. 

The methyl and methoxyl groups which decrease the rate in the 
para position increase the rate in the ortho position. Their steric 
effects in the ortho position are not hindrances, but strong assistances 
to the alcoholysis of the benzoyl chloride. 

The alcoholysis of a 2,0-dinitro- or 2,6-dichlorobenzoyl chloride is 
so slow at 0° that it cannot be measured. That is, the rates must be 
less than one hundredth as fast as the alcoholysis of benzoyl chloride. 
The alcoholysis of a 2,6-dimethyl- or 2,6-dimethoxybenzoyl chloride 
at 0° is so fast that it cannot be measured. That is, it must be greater 
than a hundred times as fast as the alcoholysis of benzoyl chloride. 
In all these instances the ortho effect is greatly enhanced by having 
both ortho positions substituted. Two of the groups show steric 
hindrances, and the other two have steric effects that increase the 
reaction rate. 

To understand these peculiar steric effects it is necessary to consider 
the difference between the reactions of XC 6 H 4 CC 1 (C 6 H 5)2 and of 
XC 6 H 4 COCI with alcohol. In the transition state of the former re¬ 
action, the unpaired electrons of the alcohol and of the chloride ion 
are distant from the methyl carbon atom. This carbon atom behaves 
as a positively charged carbon atom and resonates strongly with the 
benzene nuclei. Any substitution in a nucleus that stabilizes a posi¬ 
tive charge by induction or resonance decreases the free energy of 
the transition state and increases the speed of the reaction. Hence a 
p-methoxy group increases the speed and a p-nitro group decreases 

Norris, J. F., Fasce, E. V., and Stand, C. J., J. Am. Chem. Soc., 67, 1415 
(1935); Norris, J. F., and Young, H. H., Jr., ibid., 67,1420 (1935); Norris, J. F., 
and Ware, V. W., ibid., 61, 1418 (1939). 
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it. On the other hand, in the alcoholysis of a benzoyl chloride the 
alcohol is close to the aliphatic carbon atom (there is probably a 
preliminary addition of alcohol to the carbonyl group) and this atom 
does not behave as a positively charged one. In the reactant, a 
benzoyl chloride, the carbonyl group has a large ionic component 

(C—O). Any substitution in the benzene nucleus that stabilizes a 
positive charge by induction or resonance decreases the free energy 
of the reactants and decreases the reaction rate. The p-nitro group 
increases the speed and the p-methoxy group decreases it. The 
effects of substitution on these two alcoholyses are shown in Table 53. 

The steric effect of two ortho groups prevents the close approach 
of alcohol to the carbonyl group in the transition state for the 
alcoholysis of a benzoyl chloride. The reaction goes over to the 
same type as the alcoholysis of the trityl chlorides, i.e. one in which 
incoming and outgoing groups are loosely bonded in the transition 
state. The effects of halogens and nitro groups on the one hand and 
of methyl and methoxy groups on the other are reversed. The effect 
of the methoxy group is predominantly through its resonance. It 
should be noted that, in the normal molecule of 2,6-dimethoxybenzoyl 
chloride, the steric hindrance reduces the stabilizing resonance to a 
minimum by preventing the oxygen and chlorine atoms getting into 
the plane of the ring; but in the transition state the chlorine atom 
is further away and the resonance is not prevented, just as it would 
not be in the ion: , 

OR 

<^>-c=o, 

I 

OR 

Steric effects are not limited to aromatic compounds. Sudborough 
and his co-workers^® attributed the slower rate of esterification of 
alpha-substituted acetic acids (A^h»coohA(CHi)»ccooh = 40), the 
slower rate of esterification of cts acids than of trans, and the slower 
rate of esterification of unsaturated than of saturated acids, to steric 
hindrance. In general, however, an aliphatic compound has a 
greater number of configurations than an aromatic one, and steric 
hindrance is as a rule more complex and less striking in aliphatic 
than in ortho-substituted aromatic compounds. 

Sudborough, J. J., and Lloyd, L. L., J. Chem. Soc., 73, 81 (1898); Sud¬ 
borough, J. J., and Lloyd, L. L., ibid., 76,467 (1899); Sudborough, J. J., and 
Roberts, D, J., ibid., 87, 1840 (1905). 
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In the transition state of A—B + C —^ A + B—C there is a 
linear configuration of A, and (7, so that a steric hindrance will 
result if the arrangement of atoms around B is su(;h as to make 
it difficult to obtain this linear configuration. Thus, if a chlorine 
atom in CeHsCl were re})laced by such a reaction, it would be neces¬ 
sary to put a group inside the benzene ring to obtain a linear con¬ 
figuration with the carbon and chlorine atoms. It is therefore not 
surprising that the chlorine in aromatic chlorides is unreactive. 
When an aromatic halogen is replaced by a basic group, the mecha¬ 
nism is probably not a simple three-center reaction in which the 
halogen and the base are equally bonded in the transition state. 
Thus the base may first add to the nucleus, and the removal of the 
halide ion may be a follow reaction. This is rather suggested by the 
fact that groups that allow a ready replacement of a nuclear halogen 
by a base—e.g., ortho and para nitro groups—also permit the addi¬ 
tion of a base to the nucleus. Thus 1,3,5-trinitrobenzene adds 
alcoholato ion to form 



reacts at speeds comparable to those of carboxylic acid chlorides. 

The cyclohexane ring also produces steric difficulties to a three- 
center linear reaction. Thus the reaction 

CH 2 —CH 2 CH 2 —CH 2 

/ \ / \ 

CH 2 CHCl 4- I- CH, CHI + Cl- 

CH2—CHj CH2—CHj 



is very slow (see Table 52). Lately an interesting example of this 
type of steric hindrance has been found by Bartlett and Knox.^® It 
is very difficult to remove chlorine from 1-chloroapocamphane: 


H 2 C—CH 2 



Bartlett, P. D., and Knox, L. H., J, Am. Chem. Soc.f 61, 3184 (1939). 



448 


THREE-CENTER REACTIONS 


(Ch. IX, §48] 


The bridge 



increases the difficulty of obtaining a linear configuration of Cl, C, 
and the entering group over that which exists in chlorocyclohexane. 



Chapter X 


REACTIONS OF THE DOUBLE BOND 

Subfitances containing double or triple bonds often react rapidly 
with reagents in such a way that two reacting molecules combine to 
form a single molecule. As this is what happens when two substances 
each containing an atom with incompletely saturated valences are 
brought together, compounds with multiple bonds have been classed 
as unsaturated compounds. So much has this been the case that 
unsaturation has come to connote a multiple bond rather than an 
unsatisfied valence. 

The appearance of unsaturation of multiple bonds has led to the 
assumption that the reactivity of these bonds is due to an incomplete 
neutralization of the valences of the connected atoms. However, 
this unsaturation is apparent only under special circumstances. For 
instance, addition to a double bond is not an instantaneous process 
but needs energy for activation in the same way that reactions of 
saturated compounds do. It has become more common to think of 
the unsaturation of the atoms attached by multiple bonds as latent. 
It is then assumed that activation to form valence-unsaturated atoms 
precedes the reaction. Two types of activation can be assumed. 

For instance, in the case of ethylene, CH 2 : :CH 2 —> CH 2 :CH 2 and 
•+• • • — 

CH 2 :*CH 2 —^ CH 2 :CH 2 . In the first type the unsaturation is 
similar to that of free radicals, and in the second to that of acids and 
bases. When one uses the transition state theory, there is no sig¬ 
nificance to a preliminary activation of the double bond, unless this 
is the rate-determining step. A purely electronic shift as a rate¬ 
determining step is not usual, and can be recognized from a kinetic 
study, since in that case the rate would be independent of the con¬ 
centration and nature of the addend. The rate depends only upon 
those molecular species which appear in the transition state and 
the properties of the transition state, independent of the particular 
path by which it was formed. 

The equation for an addition to a double bond, R—S + P=Q —> 
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R — P—Q — Sj would suggest that the transition state has a planar 
cyclic configuration: 

R-P 

i :i. 

S-Q 

We do not think that this is true in general, and wc shall assume that 
in most reactions of the double bond the transition state of the master 
reaction is liiic^ar, involving either three centers or four centers in a 
Lowry mechanism. When a preliminary dissociation of the addend, 
R — Sj occurs, and it is not the rate-determining step, either R or S 
is not included in the linear transition state, unless the reaction goes 
by a Lowry mechanism. 

The linear transition state is an idealization. With only three 
atoms the lowest (energy transition configuration is actually linear, 
and this would be true also for the transition state for A — B -f C 
A + B—C when B is a central atom with other groups that are 
alike or interact equally with both A and C. When the ideal condi¬ 
tions do not obtain, as for instance when there is a resonance inter¬ 
action between a group in B and other bonds of By the perturbation 
can affect the spatial relations of the atoms just as resonance affects 
the shape of a molecule. When A—B is a double-bonded system 
(e.g., P=Q)y the extra bond will be a perturbing factor. Thus, if a 
linear arrangement is the most stable for the phase P—Q C, it need 
not be so for the phase' — P — Q —C. For instance, if (? is a carbon 
atom, tetrahedral angles are favored in the latter phase. We do not 
know the actual shape of this transition state. Presumably the angle 
PQC is between 180° and 110°. When we assume a linear transition 
state for an addition reaction, we mean that the chief bonds are 
between P and Q and between Q and C, with no appreciable inter¬ 
actions between P and C or between the groups bonded to these 
atoms. Thus, if C is R —*S, the linear transition state is P — Q — R — S 
with no bond between P and S, In the other type of transition state 
there are such additional bonds. The two types differ from each 
other in essentially the same sense that a chain compound differs 
from a cyclic one. 

There are, however, reactions of multiple bonds that are best 
considered as forming cyclic planar transition states. In general, we 
do not know definitely which reactions have planar and which have 
linear transition states. We shall assume that most of the addition 
reactions have linear transition states, and only at the end of this 
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chapter briefly discuss a few reactions for which we have assumed 
planar cyclic transition states. 

The multiple bonds found in organic compounds are either between 
two very similar atoms or between atoms that have very different 
attractions for electrons. The latter type of multiple bond is very 
polar, and has a very large contribution from an ionic form, — Q~, 
The best and commonest examples of these two types are the non- 
XJolar double bond, C=C, and the polar one, C=0. We shall 
discuss only those two multiple bonds, and their combinations 
Even these discussions will be limited to what is necessary to exem' 
plify general principles. 

49. THE ETHYLENIC DOUBLE BOND 

The ethylenic double bond does not appear to be very reactive to 
basic reagents. In homogeneous solution it reacts with strongly 
acidic compounds (hydrogen halides, sulfuric acid, etc.), and with 
compounds of two strongly electronegative elements (halogens, 
ClOH, etc.). It appears to be quite active towards radicals, as it 
takes part in many chain reactions where, presumably, radicals con¬ 
stitute the chain. For instance, the photochemical addition of 
halogen is probably a chain reaction involving radicals. The ethyl- 
enes are rapidly oxidized by many reagents, for instance, MnOT- 
Additions to ethylenes are often catalyzed by surfaces, and in this 
way they can be reduced with hydrogen. 

49a. Ethylenes as bases or pseudo-bases. It has been suggested^ 
that, when a halogen adds to an ethylenic double bond, one of the 
halogen atoms accepts a pair of electrons from the double bond, and 
halide ion dissociates and finds its way to the positively charged 
atom of the ethylene. The mechanism can be represented sche¬ 
matically by the following equations: 

CH 2 ::CH 2 + Br:Br CH 2 :CH 2 :Br + :Br- Br:CH 2 :CH 2 :Br 

In this mechanism the ethylene acts as a pseudo-basic reagent (a 
substance that is a base after activation). The transition state is 
then similar to those of basic reactions. It would be a linear con¬ 
figuration, CH 2 —CH 2 — Br — Br, in which the main resonance 
forms are CH 2 :: CH 2 Br: Br and CH 2 : CH 2 : Br Br:. This mechanism 
is supported by the following facts. The addition of bromine to 
ethylenes in carbon tetrachloride is strongly catalyzed by traces of 

1 Burton, H., and Ingold, C. K., J. Chem. *5oc., 912 (1938). 
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water.^ This is suggestive of a Lowry mechanism in which the 
acidic transition state is stabilized by the basic catalyst. When 
ethylene is brominated in water solution in the presence of chloride 
and nitrate ions, CH 2 BrCH 2 Cl and CH 2 BrCH 20 N 02 arc formed as 
well as the dibromide.^ The polar effects of substituent groups also 
agree with this mechanism. A substituent group of positive polarity 
(e.g., Br) would reduce the stability of a transition state in which 

4- 

72CH—CH 2 —Br Br“ is a more important component than 

RCH —CH 2 —Br Br*^, and hence decrease the reaction rate. A 
group with negative polarity (e.g., CH 3 ) would have the opposite 
effects. The Ingolds^ give 0.04 and 5.5 for the relative rates of 
bromination of BrCH=CH 2 and (CH 3 ) 2 C=CH 2 , respectively, taking 
the rate of bromination of ethylene as unity. 

The foregoing discussion does not necessitate the formation of the 
+ 

free ion RCH —CH 2 —Br. The transition state /^CHCH 2 Br 2 is 

solvated by basic or acidic molecules present in the solution. The 
+ 

ion / 2 CHCH 2 Br can be considered as having a definite existence only 
when there are especially strong resonances stabilizing it. 

Although it seems probable that the mechanism suggested above 
for additions of halogens to ethylenes is effective under some condi¬ 
tions, it is not likely to be applicable to all. The chain reactions 
involving radicals would have to be assumed under certain condi¬ 
tions. Stewart and his co-workers^ have shown that the addition of 
halogens can induce substitution reactions. Such complexities are 
more characteristic of chain reactions involving radicals than of 
mechanisms involving ions. 

The mechanism suggested by the Ingolds is probably correct for 

the addition of strong acids to olefins. The transition state, 
+ 

CH 2 —CH 2 — H — Cl*”, corresponding to this mechanism, is the 
normal one for an acidic reaction. 

The best-known rule concerning the relative rates of addition re¬ 
actions to ethylenes is Markownikoff^s.® This rule states that when 
a halogen acid adds to an ethylene, the halogen adds to the carbon 

* Davis, H, S., J. Am. Chem. Soc.^ 60, 2769 (1928). 

* Francis, A. W., J. Am. Chem. Soc.j 47, 2344 (1925). 

* Ingold, C. K., and Ingold, E. H., /. Chem. Soc.^ 2354 (1931). 

* Stewart, T. D., and Smith, D, M., J. Am. Chem. Soc.j 61, 3()82 (1929); 68, 
2869 (1930). 

« Markownikoff, W. B., Ann., 163, 256 (1870). 
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atom with the fewer number of hydrogen atoms. This phenomenon 
is due to the relative rates of the alternative additions. In terms of 
rate, the riik^ is that the reaction 7?CH=CH2 + HX RCHX —CH3 
is faster than the reaction RCK—CH2 + HX /i?CH2—CTT2X. 

The rule is sometimes explained on the basis of the induction effect 

+ •• — •• — + 

of which makes /?CH—CH2 more stable than 7 ?CH—CH2. How¬ 
ever, this rule is also valid wh(m R is a chlorine atom; in that case a 
pure inductive effect cannot explain the phenomenon. It is probably 
better to class this phenomenon with the large number of dubiously 
explained or unexplained differences in the reactions of primary, 
secondary, and tertiary carbon compounds. Markownikoff^s rule 
also applies to addc'nds other than halogen acids (e.g., sulfuric acid, 
HO—Cl, I—Cl, etc.). In general, one or the other pole of an un- 
symmc'trical addend goes preferentially to the less hydrogenated 
carbon atom. Where one pole is known to be more basic than the 
other, it is that pole that adds to the less hydrogenated carbon atom. 
The nil(' can therefore be used to determine the more basic pole of 
the addend. Thus HO—Cl adds as HO and Cl, and the hydroxyl 
group goes to the less hydrogenated carbon atom. This has been 
taken as evidence that in hypochlorous acid the electrons of the 
O—Cl bond are shifted towards the oxygen atom. However, the 
oxygen may add to the less hydrogenated carbon atom because its 
unshared electrons are more basic than those of the chlorine atom. 

MarkownikofUs rule can be inverted by groups that have a high 
affinity for electrons, such as NO2. It is also inverted in additions 
to unsaturated carbonyl compounds. For instance, CH2== 
CHCOOH + HBr forms CH2BrCH2COOH rather than 
CHsCHBrCOOH. The structure C=C—C =0 is a resonating one 

H- 

(C=C—C= 0 , C—C=C— 0 ~), and this resonance may account for 
the product. 

Kharasch and Mayo^ have shown that peroxides catalyze the addi¬ 
tion of halogen acids to ethylenes. The catalysis increases the speed 
of the reaction 7?CH=CH2 + HX —^ /2CH2—CH2X more than that 
of the reaction 7?CH-=CH2 + HX T^CHX—CH3. In conse¬ 
quence, Markownikoff^s rule can fail in the presence of peroxides. 
Since peroxides often exist in organic liquids that are exposed to air, 
much of the previous work on the proportions of the alternative 
products of addition is erroneous. However, the discovery of the 


Kharasch, M. S., and Mayo, F. R., J. Am, Chem. Soc,, 66, 2468 (1933). 
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peroxide effect confirms and indeed strengthens the validity of 
Markownikoff\s rule for reactions carried out in the absence of 
peroxides. 

49b. Stereochemistry of addition reactions. The mechanism of 
an addition to a double bond could determine the configuration of 
the product when more than one spatial configuration is possible for 
it. Thus, if the ethylene can exist in cis and trans configurations 
and the addend has no group in common with the ethylene, the 
product can have one of two configurations other than enantio- 
morphic forms. If bromine is added to maleic acad, the product might 
be a racemic mixture of d- and /-dibromosuccinic acids or the meso 
isomer. If ClOH is added, the products might be racemic mixtures of 


(T)()H 

Cl-H 

HO-H 

COOH 


iCOOH 


H-Cl 

or 

HO-.H 

COOH 


which may be distinguished as the meso and racemic types, respec¬ 
tively, since in the former th(‘ carboxyls and hydrogens are related 
to each other in the same way as they are related in meso-tartaric or 
meso-dichlorosuccinic acid. If, however, HCl is added, a racemic 
mixture of d- and /-chlorosuccinic acids is obtained by any mechanism. 

A four-center quadrilateral transition state would always lead to 
the formation of a meso type from a ds compound and a racemic 
type from the trans isomer. This type of addition was at first 
thought to be the rule, for when maleic acid (the cis compound) is 
oxidized with aqueous permanganate ion, meso tartaric acid is 
formed. Michael® has shown that this is exceptional rather than 
general, and his findings have been confirmed by later work. Thus, 
in the addition of HOCl to maleic acid, the racemic type of compound 
is formed, but the addition to fumaric yields the meso type. This 
is just the reverse of the older theory. When chlorine is added to an 
aqueous solution of maleic acid in the dark, the meso compound is 
formed, but this is also obtained as the major product with fumaric 
acid.^ Again, in an addition to a triple bond, the cis product ex¬ 
pected from a quadrilateral configuration of the transition state is 


® Michael, A., J. Prakt. Chem.y 46, 402 (1892). 

® Kuhn, R., and Ebel, F., Rer., 68, 919 (1925); Kuhn, R., and Wagner- 
Jauregg, T., Ber., 61, 520 (1928); Lessen, W., Ann., 348, 273 (1906). 
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not obtained as the major product, but instead the more stable of 
the geometric isomers is the major product. Thus Michael found 
that HCl + HOOCX^sCC.^OOH -> HOOCCCl=CHCOOH gives 
forty-five times as much chlorofumaric as (‘hloromaleic acid. 

If the transition state for an addition has a linear three-center 
configuration, an inversion at one of the poles is to be expected. 
This corresponds to the Walden inversion in a substitution reaction. 
To complete the addition, the other poki must also be attacked. If 
this attack also corresponds to a Walden inversion reaction, as for 
instance by a simultaneous attack on both poles, the cis compound 
yields the meso type of addition product and the trans isomer yiedds 
the racemic type. If the scu^ond pole adds directly at the point freed 
by the threci-center reaction before the trivalent carbon atom has 
had time to becomes coplanar, the cis compound forms the racemic 
addition product and the trans forms the meso. If time to achieve 
coplanarity is allowed, both isomers ykdd the sarra^ product, which 
presumably is the more stable of the two. l"he experiments cited 
above show that all these possible n^sults o(‘cur, and they confirm the 
theory that the common additions to double bonds are linear re¬ 
actions. 

Michael also studied the formation of double-bonded compounds 
from stereoisomers. In gcaieral, the more stable trans isomer is ob¬ 
tained. Thus, both meso and racemic (CHClCOOH)2 give chloro¬ 
fumaric acid with al(X)holic potassium hydroxide, and both 
meso and racemic C2HBOOCCHBrCmBrCOOC2H5 form ^rans- 
C2 HbOOCCH=CHCO()C 2H5 when treated with zinc. Michael as¬ 
sumes that the general rule is the preferential formation of the more 
stable isomer. In the formation of a triple bond from a double 
bond, Michael found that the geometric isomer that is formed more 
readily from tlu^ acetylene derivative is that one which more rapidly 
reverts to the acetylene. Thus trans HOOCCH=CClCOOH is 
the principal product of the addition of HCl to HOOCC^CCOOH. 
It reverts to HOOCC=CCOOH much more rapidly than does the 
cis isomer. 

49c. Macropolymerization. When two double-bond groups in 
different molecules collide so as to form a linear transition state, 

C=C — C=C , only two of the four atoms involved have satisfied 
valences. Either each of the other two has an odd electron, or one is 

Michael, A., J. Prakt, Chem., 66, 291 (1899); Ber., 34, 4215 (1901). 
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positively and the other negatively eiiarged. The two unsatiirated 
atoms are distant from each other, and exceedingly reactive towards a 
double bond. The unsaturated atom is more likely to react with one 
of the many double bonds than with one of the few other atoms with 
unsatisfied valences. This will be especially the case when the un- 
saturation is due to an unpaired electron rather than to a lack or 
excess of electrons, for a radical is, in general, more reactive towards 
saturated compounds than are acids or bases. Moreover, the forces 
by which the radicals attract each other are less effective at long 
distances than tlui electrostatic attractions between the oppositely 
charged atoms vvhich would result from the alternative mode of re¬ 
action. The result of the combination between the product of the 
linear reaction of two ethylene molecules and a third one, 

i^2 -^2 7?2 R2 

C—C—C —c=c , 

also has two unsaturated atoms, and it also is more apt to react with 
another ethylene molecule without losing its activity than to combine 
with loss of its unsaturation. The process can go on so as to form 
a great chain of combined molecules—a macroi)olymer.^^ This 
mechanism can be shown for the macropolymerization of styrene by 
the following equations: 

CcHbCH: :CH2 + CsHbCH: :CH2 .CH:CH2:CH:CH2. , 

I I 

C,H 6 CeHs 


.CH:CH2:CH:CH2. + CeH^CH: rCHa -> 

CeHs ine 

.CH:CH2:CH:CH2;CH:CH2. , 

C«H6 ieHs ioHs 

and 80 on to 


• CH—CH2—/CH—CH2—\ CH—CH2- 
CeHs \i.H6 /n A,H5 


Staudinger, H., Trans. Faraday Soc.^ 32, 97 (1936); Staudinger, H., Die 
Hochmolekularen Organischen Verhindungen (Julius Springer, Berlin, 1932); 
A. C. S. Monograph No. 75, Polymerization^ by Burke, R. E., Thompson, H. E., 
Weith, A. J., and Williams, I. (Reinhold Publishing Corp., New York, 1937). 
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It has been suggested by Evans^^ that the combination with phenyl 
groups most widely separated, 

.CHiCHziCHsiCH. , 

I I 

QHs CeHs 

is favored because it allows the maximum resonance between the 
trivalent carbon atoms and the benzene rings. But in that case it 
would also be necessary to have the adjacent form 

.H2C:CH : CH : CH2. 

I i 

CaHb CcHb 

as well, in order to maintain a polymerizing chain involving the 
1 , 4 -diphenyl units. 

Macropolymerization is a variant of the chain mechanism. In- 
st(iad of each preliminary step leading to many units of a reaction, 
each preliminary step h^ads to a single reaction between many units 
of reactant. Like chain reactions, rnacropolymcrization can be re¬ 
tarded by traces of inhibitors, which no doubt introduce chain- 
t(U*minating reactions. The nature of these chain-terminating steps 
in inhibit()d macropolymerizations is not known. 

60. THE CARBONYL DOUBLE BOND 

The highly polar carbonyl group reacts rapidly with any substance 
with basic properties, or with any bond that would be rapidly broken 
by an acid. These reagents have been called nucleophilic, and the 
opposite type electrophilic. Thus, electrophilic reagents add pref¬ 
erentially to C—C bonds and nucleophilic reagents to C—O bonds. 
The product of an addition to a carbonyl compound is often a sub¬ 
stance that would undergo the reverse reaction rapidly. The reac¬ 
tivity of these compounds is therefore a rate rather than an equilib¬ 
rium phenomenon. In fact, in many cases the addition product is 
an intermediate in a reaction and is not actually isolated. That 

this should be so is due to the stability of the carbon-oxygen double 

+ 

bond. The contribution of the ionic component C— 0 ~ is great. 
The bond energy of the carbon-oxygen double bond is more than 
twice that of the carbon-oxygen single bond, while the energy of the 
carbon-carbon double bond is less than twice that of the carbon- 
carbon single bond. 


Evans, M. G., Trans, Faraday Soc.^ 36, 824 ( 1939 ). 



458 REACTIONS OF THE DOUBLE BOND [Ch. X, §50a] 

The transition state for the addition of bases to carbonyl com¬ 
pounds is almost certainly linear. However, in this transition state 
the oxygen atom would be definitely basic and its stability would be 
enhanced by the presence of an acid. Lowry mechanisms are pre¬ 
sumably common in additions to cari)onyl compounds, though the 
effects of the acid must often be hidden by the neutralization of the 
reacting base by the acid catalyst. 

60a. Addition of bisulfite ion. One of the simplest additions to a 
carbonyl group is that of bisulfite ion to an aldehyde or ketone. We 
shall therefore use this reaction as an example of a simple addition 
without any complicating factors other than the achievement of the 
equilibrium distribution of hydrogen ion among the various bases 
present. The rate of addition of bisulfite ion depends to a great ex- 


Table 54 

P^FFECT OF BRANCHING OF THE CARBON CHAIN ON THE 
REACTIVITY OF CARBONYL COMPOUNDS* 


Compound 

Per Cent Reaction 

KHSO 3 

NH 2 OH 

C 6 H 5 NHNH 2 

Aldehyde . . 

70-90 

(Cel-LCHO) 


CHsCOCHa. 

22 

82 

66 

CHaCOCHaCHa . 

14 

75 

52 

CH8C0CH(CH3)2 . 

3 

33 

15 


• SeePetrenko-Kritschenko, P., and Kantscheff, 39, 1452 (1906); Stewart, A. W.,CAcm. 

Soc., 87, 186 (1906). For more extended tables, see the section by S. Goldschmidt, p. 601, in Stereo- 
chemie, K. Freudenberg, editor (Franz Deiiticke, I^ipzig u. Wien, 1932), and the section by C. F. II. 
Allen and A. H. Blatt, vol. I, p. 655, in Organic Chemistry, II. Gilman, editor (John Wiley & Sons, New 
York, 1938). 

tent on the degree of hydrogenation of the carbon atoms in the region 
of the bond. The more hydrogenated these carbon atoms are, the 
faster the addition; and the nearer the hydrogenated atoms are to 
the oxygen atom, the greater is the effect. Thus aldehydes add 
faster than ketones. Acetone adds more rapidly than other non- 
cyclic unsubstituted aliphatic ketones. Methyl n-propyl ketone adds 
faster than methyl isopropyl ketone. Although the addition to 
methyl w-alkyl ketones is retarded as the number of carbon atoms 
in the alkyl radical is increased, the effect becomes small beyond 
three carbon atom radicals. On the other hand, increasing the size 
of both the radicals of acetone greatly retards the reaction. Di- 
tert-hniyl ketone is therefore very unreactive. Table 54 shows the 
relative rates of addition to some of these alkyl compounds in the 
form of per cent reaction under identical conditions. 
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The differences in the rates of addition of bisulfite ion to aldehydes 
and the various alkyl ketones have been at tributed to steric hindrance. 
They could also be attributed to the inductive^ effects of the alkyl 
groups. If the effects are to be attributed to induction, the dii*ec- 
tion of the effect corresponds to, a close ai)[)roach of the addend and 
small separations of the oxygen atom in the transition state; i.(‘., 
the induced charge has a grt^ater action on the entering base than on 
the electrons that are separated when the double bond to the oxygen 
atom changes to a single one. However, at the present time it is 
b(ist to consider the phenomenon as anothc^r example of the unex¬ 
plained effects of the degree of hydrogenation of carbon atoms. 

60b. Oximes, hydrazones, and semicarbazones. There are many 
reactions of aldehydc^s and ketones in wliich the doubly bonded 
oxygen atom is replaced by a doubly bonded nitrogen atom with the 
elimination of water; e.g.: 

i?2CO + H2N()ri + II2O, 

R2CO + H2NNHC6H5 -> /? 2 C=NNHC 6 H 5 + H2O, 

7 ?2C0 + H2NNHCONH2 i?2C=NNHCONH2 + H2O. 

The rates of these reactions vary with a change in the carbonyl 
compounds in a way very similar to that of the bisulfite additions. 
It is likely that the rates of these reactions are governed by a prelim¬ 
inary addition of the base: 

o- 

R,C() + H 2 NOH -"1^^ .> 722C=N0H + H 2 O . 

\+ 

NH 2 OH 

The relative rates of oxime and hydrazone formation parallel those 
of the addition of bisulfite. This comparison is shown in Table 54 . 

The work of Conant and Bartlett^^ on the rate of formation of 
semicarbazones with various aldehydes and ketones (RCOR' + 
H2NNHCONH2 -> /2i^'C=NNHCONH2) shows that the rate of this 
reaction is affected by substituent groups in much the same way as 
the rate of addition of bisulfite ion. Acetaldehyde reacts sixty times 
as fast as acetone. In both aldehydes and ketones the replacement 
of a methyl group by a more branched alkyl group decreases the 
rate. For instance CHsCHO reacts eighteen times as fast as 


Conant, J. B., and Bartlett, P. D., J. Am. Chem. Soc., 64, 2881 (1932). 
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(CH3)3CCH0, and CHaCXICHa nearly a hundred times as fast as 
(CH3)3CC0CH3 . An aromatic nucleus conjugate with the carbonyl 
group decreases the rate, acetaldehyde reacting a hundred and eighty 
times as fast as benzaldehyde. This effect can be attributed to the 
resonance, and is found in most reactions of carbonyl compounds. 
Cyclohexanone 

CH2—CH2 

/ \ 

CH2 c=o 

\ / 

CHi—CH2 

is very reactive towards both the formation of a carbazone and the 
addition of bisulfite ion. This is of interest, since cyclohexyl chloride 
is unreactive, probably owing to the steric hindrance of the Walden 
inversion. As far as the steric factor is concerned, the chloride and 
the ketone differ in that, in the transition state for the removal of 
halogen from the former, there are five groups attached to the carbon 
atom, but in the transition state of the reaction of the carbonyl group 
there are only four groups (the two parts of the ring, the oxygen atom 
and the reacting base) attached to the carbon. While this would 
explain the difference in the steric factor, it does not account for the 
high reactivity of the ketone. 

Conant and Bartlett also measured the rates for the reverse reac¬ 
tion. With one exception these rates show the same peculiarities. 
The phenyl group decreases the rate. In both aldehydes and ketones, 
the tertiary butyl compound reacts slower than the corresponding 
methyl compound. The cyclohexane derivative 

CH2—CH2 

/ \ 

CH2 C=NNHC 0 NH 2 

\ / 

CH2—CH2 

hydrolyzes more rapidly than the acetone semicarbazone. The ex¬ 
ception is that the ketonic semicarbazones are more reactive than 
the corresponding aldehyde derivatives, whereas the aldehydes form 
the semicarbazones much more rapidly than the ketones. 

To understand this phenomenon, one must consider the direction 
of the dipole of H2C—CHi 2 . This direction, as obtained from that 
of the dipole of CbHb/? and the fact that C6 HbCH=CH 2 has little or 
no dipole, is primary carbon atom minus and secondary carbon atom 
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plus. In a double bond to (;arbon, C=D, the contribution of C— D~ 
is greater for the less hydrogenated than for the more hydrogenated 

carbon atoms, and the component C—is greater for the more 

hydrogenated carbon atoms. In C—O the important ionic eom- 
+ 

ponent is C— 0 ~, and the bond is more stable for ketones than for 

aldehydes. But in C=N—N the component C —N—N must be 
relatively more important than its analogue in C= 0 , and probably 

it is the most important ionic component of the C=N—N system 

— + • • — 

because of the resonance (C—N—N, C—N=N“*“). The effects of 
the ionic components of the double bonds are greater in the reactants 
than in the transition states, so that if the above analysis of them is 
granted, it follows that the aldehydes are more reactive than the 
ketones but the semicarbazones of ketones are more reactive than 
those of aldehydes. Branching the chain at the alpha or more dis¬ 
tant positions has the same effect on the reactivities of carbonyl 
compounds and of semicarbazones, but branching the chain at the 
carbon pole of the double bond has opposite effects on the reactivities 
of these compounds. Hence it is impossible to use only the same set 
of inductive effects to account for both phenomena. 

The rat(i of formation of a semicarbazone varies in two opposing 
ways with the concentration of acid. Acid combines with the semi- 
carbazide removing a reactant, and it catalyzes the reaction between 
ketone and semicarbazide. The first effect depends on the hydrogen 
ion concentration, but the second is a general acid catalysis and de¬ 
pends on the concentrations and strengths of all the acids present. 
With a fixed concentration of hydrogen ion, the speed can be in¬ 
creased by increasing the concentration of the buffer acid and its 
salt. The transition state for the master reaction includes the ketone, 
the semicarbazide, which is a base, and a catalytic acid or mixture of 
acids. This is best explained by Lowry^s theory of the combined 
action of a base and acid causing a shift of the electronic structure. 
The transition state would be 


R 

H2NCONH—NH2—C^O—H—Ac, 

I 

R 
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and the product of this step would be the intermediate 

1{ 

+ I 

HsNt^ONH—NH 2 —C—()H. 

1 

R 

The transition state for the reverse reaction may be formulated as 

R NHtXiNHo 

I I 

H 2 O — C^N — H — Ac, 

1 

R 

and the intermediate product as 

R 

+ I 

H2()—C-"NH~^-NHC0NH2 . 

I 

R 

These two intermediate products would be in rapid equilibrium with 
themselves and with 

R 

I 

HsNCONH—NH—C-OH. 

1 

R 

The mechanism of oxime and hydrazone formation probably is 
similar. 

50c. Addition of organometallic compounds. The ethylenic 
double bond reacts with acids rather than bases and the carbonyl 
double bonds with bases rather than acids. Hence they react with 
saturated molecules as pseudo-bases and pseudo-acids, respectively. 
Just as the ethylenic double bond reacts with a compound of a weak 
base (e.g., chlorine, which is a compound of the weak base chloride 
ion), so the carbonyl double bond reacts with a compound of a weak 
acid, such as the ion of an electropositive metal; hence the reactivity 
of carbonyl compounds towards organometallic compounds, especially 
those of highly electropositive metals, and the inertness of ethylenes 
to the same reagents. The most important of these reagents are the 
Grignard reagents and the lithium alkyls. Their superiority lies in 
the fact that, though the metals are strongly electropositive and 
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therefore show rapid reactions, their organometallic compounds are 
easy to prepare and handle. 

50d. The aldol condensation. Normally an organo-hydrogen 
compound does not add to a carbonyl group. One may attribute 
this fact to the great strength of hydrogen ion as an acid. The 
hydrogen ion here referred to is not that found in solutions of strong 
acids in water (hydronium ion), but the proton itself. However, 
when there is a sufficiently strong positive polar effect in the organic 
radical and some base to assist tlu' neutralization of the proton in 
the transition state, a sufficient separation of the proton can be ob¬ 
tained to permit an addition of the organic radical to a carbonyl 
group. Thus chloroform reacts with some carbonyl compounds. 
Much more rapid reactions can be obtained when the organic radical 
is such that it would resonate were the proton removed. Then 
whether the proton is removed before the addition reaction or merely 
partially separated in the transition state, resonance is greater in the 
transition state than in the reactants. This is true whether the 
master reaction is the removal of the proton or the addition to the 
carbonyl group. The b(^st-known examples of this type of reaction 
are those in which both reactants are carbonyl compounds, the 
addend b(ang an alpha-hydrogen compound of a radical containing 
a carbonyl group 

O 

II 

e.g., RC—CR 2 — 

Some examples of the addition of one carbonyl compound to 
another are the aldol condensation; the formation of acetoacetic 
ester; the condensation of benzaldehyde with one of the components 
of a mixture of an acid anhydride and a carboxylate salt; the forma¬ 
tion of mesityl oxide, phorone, and mesitylene from acetone; and the 
condensations of aromatic aldehydes and ketones. Acids and bases 
are generally catalysts for these reactions. They have sufficient in 
common to warrant their being classed together as the aldol type of 
condensation. 

One of the steps of an aldol type of condensation forms a C—C 
bond in which one carbon is alpha to a carbonyl group and the 
other is attached to a basic atom (oxygen). Both the alpha rule 
and the rule of reactivity of a bond from an atom attached to a basic 
atom indicate that this bond is active towards a fission in which the 
electron pair is retained by the carbon atom alpha to the carbonyl 
group, and the resulting lack of electrons on the other carbon atom 
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is reduced by those of the basic atom. Such a fission of this bond 
leads to a reversal of the reaction 

O O O OH 

II II II I 

/fC—CHj—H + CRi <=» RC—QUi—CR^. 

Consequently, aldol-type condensations generally need some follow 
step to stabilize the product. These follow reactions are often the 
loss of water or alcohol. Thus 

O O 

II II 

CHa + C(CHs)2 

O OH O 

II I II 

CHsC—CHa—CCC^Hsla CHsC—CH=CXCH 3)2 + HaO. 

Diocetone alcohol Mesityl oxide 

In the aldol condensation, the aldol itself can be obtained with 
proper precautions but readily decomposes to the unsaturated 
compound. 

The intimate mechanisms of the aldol-type condensations are not 
known, but it is probable that in every case the carbonyl group is 
involved in the resonance of the transition state. That is, one of 
the resonating electronic distributions is 

:0: H+ rO? 

7^C::CH2CE2. 

The basic catalyst stabilizes the transition state by helping to neu¬ 
tralize the proton or the acidic carbon of 

o- 

or even both. This base may be assumed to remove a proton from 
one of the carbonyl molecules, or to add to the carbonyl group of 
another before the collision, or to function during the collision. 

There are two suggested mechanisms for aldol-type condensations. 
According to one of these the alpha hydrogen is removed by the 
action of the basic catalyst; the resulting ion then acts as a base and 
adds to the carbonyl group of another molecule. From this point 
on, the follow reactions depend on the particular reactants. Ac¬ 
cording to the other suggestion, the basic catalyst adds to a carbonyl 



[Ch. X, §50d] REACTIONS OF THE DOUBLE BOND 


465 


group. Using OR/ as the base and RCOCHs as the carbonyl com¬ 
pound, the reaction is 


/t^COCHs + OR' 


fa«t 


o- 



I 

o 

R' 


This compound then reacts with the alpha hydrogen of another 
molecule: 

O- O 

RC—OR' + HaCCfl 

I 

CH3 

o- o 

HO/e' + RC—Cli.,CR follow reactions. 

I 

CHs 


Both of these feasible mechanisms have transition states with reso¬ 
nance between a negatively charged alpha carbon atom and a carbonyl 
group, and with the acidity of the transition state neutralized by the 
basic catalyst. In one, the acidity is assumed to reside in a hydrogen 
atom and the product of the neutralization is assumed to be removed 
before the formation of the transition state. In the other, the 
acidity is assumed to reside on a carbon atom and the basic catalyst 
is included in the transition state. If the solvent is solvation 

of the intermediate ion and the transition state can remove the dif¬ 
ferences between the two mechanisms. 

The electron distribution 


:0: H+ :0: 

RC: :CH 2 ck 

which we have assumed to be one of the phases of the transition 
state of aldol-type condensations, is more basic as well as more 
acidic than the ground states. Aldol-type condensations may then 
be expected to be catalyzed by acids as well as by bases. Although 
bases are as a rule more efficient condensing reagents than acids, 
many aldol-type condensations are effected with the aid of acidic 
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compounds. The aini)hoicric character of th(^ transition state per¬ 
mits the formation of chelate structure's wheai the catalytic l)as(^ is 
conjugate to an acid having more than oiui acidic [)r(>t(ai. A s(‘(^- 
ondary amine is, therefore, a nu)re e'ffeictiv(^ catalyst than a tca tiary 
amine of the same basic strength, wlum the solveait is not suffi¬ 
ciently acidic to make this diffenaic(' be^twcM'ii s(H*ondary and tertiary 
atoms inconsequential. 

60e. The Cannizzaro reaction. The acid R ' is normally too strong 
for its compounds to add to carl)ony{ groups at appnaaable speed. A 
reaction of the type 

O 

RC + 7?'H A'CJHoO/e' 

\ 

H 

is normally not obtainable at moderate temperatures, but strongly 
basic atoms attacll(^d to a carbon at(jm can make a hydrogen atom 
attached to the same carbon active. Since the basic atom only 

-I- 

supplies electrons, the active C—H bond behaves as if it were CH. 
If it reacts with a carbonyl group, the hydrogen goes to the carbon 
and the carbon to the oxygon of the carbonyl group. When hydrox¬ 
ide ion or another base adds to an aldehyde, a negatively chargcnl 
oxygen results and the aldehydic bond becomes active towards a 

+ - - -f- 

carbonyl group, but as CH rather than CH. Thus the following 
series of steps can symbolize the Cannizzaro reaction: 

: 6 :“ 

CeHeCHO + OH" -^ C6H5C:OH 

H 


ioi 

(a) 


:0~ 

:07 


:0." H 

.HsC.H + 

+CC, 

iHs —» 

• C6H6C:0:CC«H6 

OH 

ii 


OH H 



0 


w 

H 

(a)/' 

II 

C,HsC- 

-0—CH2C,H6 + OH- 

:0;CCeHs 

7 


O 


H\ H 


(6r 


CeHs—C—O- + HOCHsCjHs. 
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As this reaction is slower than the aldol condensation, it occurs to 
an appreciable extent only when there is no alpha C—H bond. 

Similarly, an alkyl group can react as Rr under the influence of a 
negatively charged oxygen atom attached to the same carbon atom 
as it is. Thus the scheme 

() 0 GO O- 

II II 11/ \ / 

-o—c; + ~o—c c 

I I \ / \ 

R R :R R 

o o- o o- 

II I II I 

-()~c O c/4 -O—C—0:--C/^2 COj- + 0=CR 

can be used to indicate the tautomeric (resonance) effects assisting 
the formation of ketones from the salts of carboxylic acids. 

61. CONJUGATE SYSTEMS 

Two pairs of double-bonded atoms joined by a single bond are 
called a conjugate system of double bonds. The type formula is 
M=N — Q—P, Such a system is capable of an addition to the ex¬ 
treme atoms with an accompanying doubling of the bond between 
the ccuitral atoms. This type of addition can be represented by the 
general equation R.—S + M—N — Q—P —^ R — M — N=Q — P — S. 
It is usual to number the atoms in the conjugate system and to de¬ 
scribe the type of addition by the numbers on the atoms to which 
the parts of the addend are attached in the product. Thus the 
general equation given above is that for a 1,4 addition. 

The theory that additions usually occur through linear transition 
states readily explains 1,4 and other types of conjugate addition. 
The transition state can be represented as 

{S—R M-===N—Q=P, S R—M—N—Q=P, S R—M~N=Q—P)r 

where the asterisks indicate unsaturated atoms. The final product 
can then be one in which S has satisfied the unsaturated valence of 
either N or P, forming 

R—M—N—Q==P or R—M~N=Q—P—S. 

i 

In general, a conjugate system adds 1,2 or 1,4, depending on the 
nature of the addend and the conditions of the experiment. The 
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products of addition to a conjugate system are not always deter¬ 
mined by the nilative rates or competing reactions. In some in¬ 
stances equilibrium among the products is established during the 
reaction. But it has been shown that the 1,4 product is often ob¬ 
tained under conditions for which the rearrangement of the 1,2 to 
the 1,4 product is too slow to occur. 

We have seen that the greater speed of addition of bases and 
organometallic compounds to carbonyl than to ethylenic double 
bonds can be attributed to the greater ease of obtaining a negative 
charge on an oxygen atom than on a carbon atom. This factor would 
not be operative in conjugate systems of ethylenic and carbonyl 
double bonds (C=C—C==0); for it would not be necessary to charge 

(1) (2) (3) (4) 

a carbon negatively in the transition state for the addition of a basic 
atom to the ethylenic carbon atom (1). The transition state for a 

base, B, adding to this type of conjugate system can be written 

(B: C=C—C=0, B—C—C—C=(), C—C^=C—()“). 

In consequence, addition to the ethylenic carbon atom (1) often 
occurs in these conjugate systems with reagents that do not usually 
add to ethylenic double bonds. Thus the cyanide ion of HC^N, the 
sulfite ion of bisulfites, the nitrogen of hydroxylamine and of am¬ 
monia, and the alkyl group of organometallic compounds are all 
known to add to atom (1) of the system C=C—C=0. The rest of 

(1) (2) (3) (4) 

the addend is found on atoms (2) or (4), depending on where it is 
most stable. These reactions are all in competition with the 3,4 
additions. Similarly, the ethylenic bond, when conjugated with a 
carbonyl group, can function like a carbonyl group in analdol-type 
condensation (reactions between alpha C—H and C=0 bonds). 
Thus 

0 0 O 

II II II 

(:,H6CH=CHCC,H6 + CH2(C—OCzHs)^ -> CeHsCH—CH2CC,H6. 

O 

ch( 4—oaHs)^ 

The reaction can also be written as a 1,4 addition to form the enol, 

CH(COOC8H6)2CH(C«Hs)CH=C(OH)cil6. 
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Unlike simple aldol-tyjx^ condensations, these reactions arc not com¬ 
pleted by loss of water or alcohol to form an unsaturated compound. 
The analogous stabilization for this type of reaction is th(^ loss of 
water or alcohol to form a ring. 

Whether a simple carbonyl reaction or an ethylenic addition oc¬ 
curs with a conjugate system of C=C and C=0 bonds depends on 
the substituent groups in the conjugate system, the reagent, and the 
conditions of the reaction. The substituents in the conjugate system 
seem to be more important than the reagent. That is, certain 
compounds seem to be more liable to 1,4 addition than others with 
all types of reagents. The most noteworthy example is that unsatu¬ 
rated aldehydes almost invariably yield the products to be expected 
from a simple aldehyde, while unsaturated ketones add chiefly at 
the 1,4 positions. 

The effect of conjugation of a C—C with a C=0 bond is also 
noticed in reactions that normally occur with ethylenes, because the 
product is not what would be expected from Markownikoff^s nile. 
Thus 


O 

/- 

CH2=CHC 

\ 

OH 


adds hydrogen bromide to form 


O 

CHjBr—CHjC 

\ 

OH 


whereas 


O 


CHs—CHBrC 


/■ 


\ 

OH 


is to be expected from Markownikoff^s rule. The reaction can be 
represented as a 1,4 addition forming the enol CH 2 BrCH=C(OH) 2 . 

While the C=0 bond activates the C=C bond when conjugate 
with it, the reverse is not true. Carbonyl groups conjugated with 
ethylenic bonds or phenyl groups, as a rule, are less reactive towards 
bases than are simple carbonyl compounds. When a base adds to 
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the system C=C—('—(), the transition state for addition to 

(1) (2) (3) (4) 

atom (1), (B: C=C—05=0, B—C—C~~~C====(), B—C~C^C—0~), 
has more resonance than the reactant, since atom (2) has more nega¬ 
tive charge in the transition state than in the ground state. On 
the other hand, the transition state for addition to atom (3), 

B : C=0 B—C—O- 

I , I , 

C==c 

has less resonance than the ground state, unless the C—O distance 
is v(U*y much greater than the equilibrium bond distance. The 
resonance effect accelerates addition to atom (1) but retards addition 
to atom (3). However, atom (I) is less charged than atom (3) and, 
without the resonance effect, addition to atom (3) would be faster 
than addition to atom (I). The system C=C—C—O adds bases 

<1) (2) (3) (4) 

faster than the ethylenic double bond but slower than the carbonyl 
one. The base adds either at atom (1) or at atom (3). The former 
alternative results in 1,2 or 1,4 addition products, and the latter 
in 3,4 addition products. 

62. SUBSTITUTION REACTIONS OF BENZENE 

The benzene ring is a special type of conjugate system. There 
would seem little doubt that resonance would decrease the energy 
of the ground state of benzene more than it does that of the transi¬ 
tion state of an addition reaction, and would therefore retard the 
reaction. However, the Kekule resonance would be absent in the 
product, so the addition compound would be unstable with respect 
to the reactants. The direct comparison of the relative rates of 
simple addition to benzene and ethylene is not possible. Since rapid 
reactions yielding stable products would result from the formation 
of a transition state for a benzene addition, one can assume that, if 
these reactions were as fast as additions to ethylene, benzene would 
react as rapidly as ethylene, even though the final products were not 
those expected from addition. In general, benzene does react with 
substances that add to ethylene, but these reactions are slower than 
those of ethylene, and are not additions. 

The transition state for addition to benzene, like that for addition 
to ethylene, belongs to the linear type in the sense that only one part 
of the addend is bonded to the benzene molecule. Addition along 
the axis in the plane of the ring would be opposed by the hydrogen 
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atom. Both the hydrogen atom and the incoming group are prob¬ 
ably displaced from this axis. Actually we have no evidence as to 
the shape of the transition state. 

Benzene reacts with a large number of reagents in such a way that 
part of the reagent replaces a hydrogen atom of the benzene ring. 
The chief reagents employed are nitric acid, sulfuric acid, chlorine, 
bromine, and a mixture of alkyl or acyl halide and aluminum chloride. 
The reactions are called nitrations, sulfonations, chlorinations, 
brominations, and alkylations or acylations of benzene. In these 
reactions, the replaced hydrogen appears as hydrogen ion or one of 
its compounds. For the present we shall mean a reaction of this 
type when we refer to a substitution reaction of benzene or of one of 
its derivatives. 

62a. The directing influence of substituents. When a substitut('d 
benzene is treated with one of these reagents, a mixture of isomeric 
produ(!ts is formed. Thus nitration of a monosubstituted benzene 
produces a mixture of ortho, meta, and para nitro compounds. The 
prof)ortion of tlu^se isomers in the mixture varies with the derivative 
of benzene used and with the conditions of the react ion. In general, 
the conditions nec(;ssary to obtain the subsi itution are such that the 
isomeric products would not change from one to another at a speed 
comparable with tli(*ir ratx^ of formation. The proportion of the 
isomers is th(‘refore governed by the rat(\s of formation of the products 
rather than by their relative free energies. The mole fraction of any 
one of the isomers in the mixture is therefore given by the equation 
k 

^ ' "^'here N is the required mole fraction, k the rate 

f^'O l" "T f^'p 

constant of the reaction forming the required isomer, and ko , km , 
and kp are the rate constants of the reactions forming the ortho, meta, 
and para isomers, one of which is k. 

Early in the study of the isomers formed in substitution reactions 
of benzene derivatives, two approximate generalizations were ob¬ 
served: (1) the proportion of ortho, meta, and para products depends 
chiefly on the group present in the reacting benzene derivative, and 
only to a lesser degree on the reagent and conditions of the reaction; 
(2) groups could be divided into two main classes, those favoring the 
formation of meta isomers and those favoring the formation of ortho 
and para isomers. These two classes are called respectively meta- 
directing and ortho-para-directing. When more than one group is 
present, each retains its directing influence, so that if both groups 
belong to the same class and are meta to each other, or if they belong 
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to opposite classes and are ortho or para to each other, the proportion 
of the favored isomers is increased; whereas if the groups are of 
opposite classes and are meta to each other, or if they belong to the 
same class and are ortho or para to each other, the directing influ¬ 
ences of the group are opposed and the isomers are formed in more 
nearly equal proportions. The foregoing rules are not exact laws. 
The proportions of isomers obtained in nitrations and sulfonations 
are not exactly the same, and vary with the temperature. Again, 
the division into m- and o-p-directing groups is not the only one pos¬ 
sible. Thus the carboxyl group might be classed as a meta-ortho- 
directing group, for, although the major product is the meta isomer, 


Table 55 

DIRECTING INFLUENCE OF GROUPS 


Group 

NR2.. 

NH2. 

OR . 

OH. 

SH. 

F. 

Cl. 

Br. 

I. 

NHCO«.. 

Ar. 

CH=CH 2 

R . 

CH2OH... 
CH2F . 
CH2CI.... 


Directing Influence 

.0-p 

.o-p 

. O-p 

. o-p 

.o-p 

. o-p 

.o-p 

. o-p 

. o-p 

. o-p 

. o-p 

. o-p 

. o-p 

. o-p 

. o-p 

. o-p 


Group 

CHaBr.... 
N=NAr . 
HC=-0. 
RC^O . 
ROC^O . 
H0C=-0. 
C1C=<) .. 
H 2 NC =0 

CfeN. 

CFs. 

CCL. 

SO 3 H. 

sozie .... 

NO 2 . 

NT^a. .. . 


Directing; Influence 

. O-p 

. O-p 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 

. m 


a considerable amount of the ortho isomer is always formed, while 
the para isomer is almost absent from the products. Further, there 
is no sharp distinction between 7n- and <?-p-directing groups. By 
varying a group, we can pass gradually from one class to another. 
Thus CH2CI directs very little to the meta position; CHCI2 pro¬ 
duces about 40 per cent of the meta isomer, which is the proportion 
to be expected on equal chances, since only 40 per cent of the five 
hydrogen atoms in the ring are meta; and CCI3 is definitely meta¬ 
directing. 

The directing power of substituent groups has long intrigued the 
imagination of chemists. Correlations have been made between the 
directing influence and other characteristics of the groups. One of 
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the earliest of these is tlie Crum-Brown Gibson rule that ^^roups 
whose hydrogen compounds are easily oxidized by oxygen are meta- 
orienting while those whose hydrogen compounds resist oxidation 
are ortho-para-orienting. The correlation is not exact. One of the 
most recently noted correlations is that when the dipole moment of 
an alkyl compound of the group is greater than that of its aryl com¬ 
pound the group is o-p-directing, while ai-orienting groups show the 
reverse relationship between the dipole moments of their alkyl and 
aryl compounds.Very recently th(^ ^^Sutton riile’^ has been givem 
a quantitative interpretation by Ri and Eyring,^® who were able 
to calculate the dii)ole moments of certain monosubstituted benzenes 
from the relative amounts of the o, m, and p isomers obtained on 
nitration. 

Explanations of the directing influence of groups based on elec¬ 
tronic configurations abound in the literature.^® All these explana¬ 
tions are based on the assumptions (1) of an electronic configuration 
of benzene, (2) of a way in which a group changes this configuration, 
and (3) of a way in which these changes affect the substitution of 
ortho, meta, and para hydrogen atoms. The result is that quite 
different assumptions can lead to the same conclusions. We shall 
consider the problem from the standpoint of the free energy change 
in forming a transition state. This approach may appear quite 
different but will include the above three assumptions, and will be 
in essence similar to Ingold’s theory. 

We shall assume that the substitution reactions occur through a 
linear transition state leading to the ionization of the reagent, A — B, 
and the combination of a group with a carbon of the benzene ring. 
There are two reactionsof this type: 

H 

^ + A—B ->■ + ^)>^A + B- 

Sutton, L. E., Proc. Roy. Soc., 133A, 668 (1931). 

Ri, T., and Eyring, H., J. Chem. Phys.j 8, 433 (1940). 

Flarscheim, B., J. prakt. Chem.j 66, 445 (1922); Fry, S. F., J. Am. Chem. 
Soc.j 38, 1323 (1916); Lapworth, A., and Shoesmith, J. B., J. Chem. Soc.^ 121, 
1391 (1922); Stieglitz, J., J. Am. Chem. Soc., 44, 1299 (1922); Holleman, A. 
F., Chem. Rev., 1, 187 (1925); Eastman, E. D., J. Am. Chem. Soc., 44, 445 (1922); 
Ingold, C. K., Annual Reports Chem. Soc., 23, 134 (1926);/2ec. ^rar. c/ifm., 48, 
805 (1929); Latimer, W. M., and Porter, C. W., J. Am. Chem. Soc., 62, 206 
(1930). 

Reactions of this type probably have Lowry mechanisms; i.e., in the 
first B is attacked by an acid and in the second A is attacked by a base, 
during the dissociation of A — B. 
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and 

<( )> + B-A -. + A+. 

In the transition state for the former of theses reactions, the ring 
is charged positively, and in that for the latter tlu‘ ring is charged 
negatively. A positively charged group pnvsent in tlie nucleus must 
increase the free energy of the transition state by the former mecha¬ 
nism and hence decrease the rate of redaction. The effect of the 
+ 

group —N (CH 3)3 is the nearest approach we can get to that of a 

+ 

positive charge. The substitution reactions of CgH 6 N(CH 3)3 are 
slower than those of benzene, and consecpiently w(‘ shall assuiiK^ 

^ + A-B -> < ( + y ^-A + B- 

as the rate-governing step of the reaction. The follow step is the 
loss of hydrogen ion from 

H 

forming C 6 H 5 A. There are other lines of reasoning that lead to the 
same conclusion. If the reaction is a linear addition of A—B to 
benzene, the final product must be formed by the loss of a hydrogen 
atom. This is more likely to be lost as than as H~, and hence 
the intermediate is more likely to be CeHeA^ than Again, 

since benzene contains double bonds, it is probably a nucleophilic 
reagent, and its combination with A—B would be C6H6A+ rather 
than CeHeB”. 

The electron arrangements 

+ H H H 

+ 

are included in the resonating phases of the transition state of the 
reaction 

H 


< 0 +^-® 
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If an atom attached para or ortho to A has an unshared pair of 
electrons, the additional form 

G+ 

_ H _l| H 

B- ^ 

is included in the resonating {)hases of the transition state. This 
additional phase would not exist were the substitution occurring 
meta to G. The transitifin states for the ortho and para substi¬ 
tutions therefore have lower free energies than that for the meta 
substitution, and ortho and para substitutions arc faster than meta 
ones when the substitiunit group {G) has an unshared pair of electrons 
on the atom attached to the ring. The outstanding examples of this 
rule are the o-p-directiiig powers of th(‘ hydroxyl, alkoxyl, and amino 
groujis. Further, since the combination of A—B with the ring tends 
to liberates a positive charge on the ortho and para positions, the 

conjugation of th(i basic group, G, with th(i ring is more complete 
in the transition state than in the normal molecule G — 
Consequently, this resonance increases the rate of the reaction, and 

the substitution redactions of G —CeHs are faster than those of ben¬ 
zene. This rule holds very exactly when the most prominent char¬ 
acter of G is its basicity. The rates of substitution reactions of 
anilines and phenols arc of a much higher order of magnitude than 
those of benzene. 

If the substituent group in the benzene is a non-polar double- 
bonded group, such as CH=CH 2 CeHs, or N=N—Ar, resonance 
is also increased in the transition state of the substitution reaction 
when the substitution is ortho or para. The new contributing form is 

H 

CHi— B-. 

Such groups are therefore o-p-orienting and increase the speed of 
reaction. 

The condition is changed when the directing group is one with a 


The directing influence of CH—CH 2 has not been determined for styrene 
itself, but for its less reactive derivatives. 
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polar double bond with its less readily negatively charged atom 
attached to the benzene ring; e.g., 

R 

I 

0 =c—C«H6 . 

Such a group resonates with the benzene ring, the forms 


R R R 



contributing to the structure. This resonance tends to charge the 
ring positively, and lienee occurs more readily in the ground state 
than in the transition state, in which the ring is already positively 
charged. Groups of this type therefore decrease the rate of substi¬ 
tution. However, the interference between the carbonyl and the 
transition-state resonances are least when the substitution occurs at 
the meta position. Thus in the para quinoidal form 

“ 0 — 

R 

no double bond is available for the formation of the transition state 
for a para substitution, and in the ortho quinoidal forms 


+ 



there are no double bonds for 2- or 6- substitutions, respectively. 
All forms, however, have double bonds available for 3- and 5- (meta) 
substitutions. Heuce polar double bonds of this type are meta¬ 
directing. One reaches the same conclusion by considering the reso¬ 
nance in the transition state. When A—B is para or orthO to 
/?C==0, one of the forms has no double bond to resonate with the 
carbonyl group. But when A—B and RC—0 are meta to each 
other, there is always a double bond conjugated with the carbonyl 
group. Resonance is therefore greater in the transition state for the 
meta substitutions than in those for ortho and para substitutions. 

There is a difference in the interference of the carbonyl resonance 
with the transition states of ortho and of para substitutions. The 
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phases that allow positive charges in the ring from the carbonyl and 
transition-state resonances at the same time are, for ortho substitution, 



B- 


■\ 



O—%, and 

I ^ 

R 



while for para substitution they are 

+ + H 


-0-C 

I 

R 


A B~ and ~0—C- 


k 


< 


+ + 




H 

A B-. 


There are, therefore, three forms for ortho substitutions but only 
two for para substitutions. Furthermore, the wider separation 
of the positive charges makes the first-mentioned form for ortho 
substitutions more stable than any form for para substitution. For 
this reason ortho substitution is favored over para substitution. 
This is in general true of carbonyl derivatives. For instance, the 
proportions obtained on nitrating benzoic acid are 18.5 per cent 
ortho, 80.2 per cent meta, and 1,3 per cent para. The nitro group 
is similar to the carbonyl group, except that it is more completely 
meta-directing. The proportions obtained in the nitration of nitro¬ 
benzene are 6.4 per cent ortho, 93.2 per cent meta, and 0.25 per 
cent para. 

When an atom lacking electrons is attached to the benzene ring, 
its conjugation with the ring puts a positive charge on the nucleus. 
This resonance is analogous to that of the conjugation of a carbonyl 
or nitro group with the ring, and favors meta and ortho over para sub¬ 
stitution. The group B(OH )2 is an example of a group with an 
atom lacking electrons attached to the benzene ring. The nitration 
of phenylboric acid, C 6 H 6 B(OH) 2 , produces appreciable yields of 
m- and o-nitrophenylboric acids, but only traces of the para isomer. 
The proportion of the meta and ortho isomers varies markedly 
with the conditions of the nitration. 

A group can charge the benzene ring positively or negatively by 
its inductive effect. As we have seen already, the inductive effect 
corresponding to a positive charge decreases the stability of the 
transition state and decreases the rate of the reaction. An inductive 
effect of the opposite kind has the reverse effect. The inductive 
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effect of a group acts on the atom to which the group is attached 
more strongly than on the other atoms of the ring. The charge 
imposed on the ring by the formation of the transition state is 
located chiefly on the atoms ortho and para to the point of substitu¬ 
tion. Hence the inductive effect of a substituent group affects the 
rate of ortho and para more than it does that of meta substitutions. 
Groups with positive polarity will be meta-directing, for the rate of 
meta substitution is greater than that of ortho and para substitu¬ 
tions, though less than the rate of reaction with benzene. TIk^ 
opposite type of group is o-p-directing and tends to increase the 
reaction rate. The facts do not quite confirm this deduction. 

4 - 

Although groups of strongly positive polar character, — N7?3 , SO3H, 
NO2, are in general meta-orienting and produce slow reactions, all 
positively polar groups are not meta-orienting. The halogens repre¬ 
sent such an exception, but this is not a serious objection to the 
reasoning given above, since the halogens arc o-p-directing l)y virtue 
of their unshared electron pairs. The real difficulty is that, although 
for a series of saturated groups, meta orientation increases with acid¬ 
strengthening charac^ter, they are definitely acid-strengthening long 
before they are meta-orienting. The following results with groups 
that are usually assumed not to resonate with the benzene ring 
illustrate this point. The percentages of meta obtained on nitration 
are^® 4 per cent for CeHsCHs, 7 per cent for C6H5CH2Br, 12 per cent 
for C6H6CH2CI, 19 per cent for C6H5CH2F, and 48 per cent for 
C6HBCH2NO2 . There is a steady increase in the per cent of meta 
corresponding to the increase in the positive polarity of the groups, 
but only the first of these groups (CH3) is acid-weakening, and only 

the last can be classed as meta-directing. Again, in the following 

+ 

serkis nitration yields 100 per cent meta for C6H5N(CH3)3, 88 per 

+ 

cent meta for C6H6CH2N(CH3)8, 19 per cent meta for C6H6CH2- 
+ 4- 

CHjN(CH,) 3, and 5 per cent meta for CsHBCnjCHsCKsNCCH,),. 
The percentage of meta falls off with the insertion of methylene 

4 - 

groups as an inductive effect should, but the groups CH2CH2N(CH 8)8 

4- 

and CH2CH2CH2N(CH8)8 are definitely o-p-directing, though they 
would increase the strength of an acid. It would appear that there 
ia some other factor besides those that are natural consequences of 
the theories of resonance and inductive effect. Apparently the 

Ingold, C. K., Annual Reports, Chem, Soc., 23, 134 (1926); and Rev, 
trav, chim., 48, 805 (1929). 
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change of a carbon atom from the s(icondary to the primary condi¬ 
tion is an o-p-directing substitution. This is in accordance with the 
direc^tion of the dipole moment of toluene. Such a moment stabilizes 
the transition state, but no moment should be obtained from the 
vector sum of C—H bond moments in toluene unless we assume 
some esoteric change in the electron distribution of carbon bonds as 
we pass from primary to secondary to tertiary carbon. 

The theory that the directing influence of a group arises from the 
inductive, resonance and other effects Umding to charge the phenyl 
nucleus electrically, or to take care of charges imposed by the reac¬ 
tion, suggests a correlation between fast and ortho-para substitu¬ 
tions, and slow and meta substitutions. In general there is such a 
correlation, but it is not required to be perfect, nor is it so in fact. 
The halogens are o-p-directing groups, but the substitution reactions 
of halogenated benzenes are generally slower than those of benzene. 
The carbon atom of the C—Cl bond dipole is its positive pole. In 
the normal molecule the carbon atom attached to the chlorine atom 
is the most positively charged one in the benzene nucleus. Were 
this the only effect of the halogen, it would be meta-directing and the 
substitution would be slow. However, in the transition state for 
ortho and para substitutions there is a phase in which this atom 
lacks electrons and can form an extra bond with the chlorine atom, 
using the unshare^d pair of electrons for this purpose. If this form. 



B~ for a para substitution, or 


H A 



for an ortho one > 


is more stable than any other phase in which the bonding of A to 
the ring opposes a positive charge to the C—Cl dipole, then the 
chlorine atom is o-p-directing. This does not necessitate that the 
complex 



See section 30a, Chapter VII. 
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he more stable with respect to the reactants than 



is with respect to its reactants. The reason is that except in the 
para quinoidal phase, the chlorine atom reduces the stability of the 
transition-state quinoidal phases, on account of the high positive 
polarity of the halogen. Consequently the substitution of chloro¬ 
benzene can be slower than that of benzene. 

The fact that undc'r highly acid conditions the nitration of aniline 
yields m-nitroaniline has often been cited as an objecdjon to theories 
of the orienting effects of groups. C. K. liigold has pointed out that 

4 - 

this objection to any theory that classes NH3 as a m- and NH2 as 
an e-p-directing group cannot be valid. In acid, aniline is in equilib¬ 
rium with its positive ion. The former substitute's rapidly at the 
ortho and para positions, the latter slowly at the meta position. 
When the concentration of the base is reduced sufhciently, the slow 
meta substitution of the^ ion becomes the predominant reaction. 

62b. Application of Hammett’s equation to para and meta sub¬ 
stitution. The suggested master step for substitution reactions of 
benzene is analogous to the basic three-center reaction 

A:B+ +J 5 :C. 


The benzene nucleus functions as the base :C. It may be called a 
pseudo-basic threnveenter reaction. Hammettt^s work has shown an 
appreciable degree of regularity in the relative effects of meta and 
para substitution on the rates of the basic reactions of aromatic com¬ 
pounds, and in Table 46 the constants (cr values) for various substi¬ 
tutions are found. Since the aromatic compound is the base in the 
substitutions, the p values for the reactions are negative; i.e., the 
more negative the a value for the substitution, the faster will be the 
reaction. If then the a value for the para substitution of a group 
is more negative, or less positive, than the constant for its meta 
substitution, the group is para-directing. Groups with the reverse 
relationship of para and meta a values are meta-orienting. This 
correlation is valid to the extent that variations from Hammett^s 
equation, log k = log fco + <^P, are not large enough to change the 
order of meta and para substitution. The correlation is valid for 
most of the common groups; e.g., amino, hydroxyl, alkyl, halogen, 
acyl, cyanide, and nitro groups. Incidentally, the groups which for^ 
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para substitution have negative or values increase the speed of sub¬ 
stitution, and those for which para-substitution <t values are positive 
decrease it. Thus, though chlorine is o-p-directing, it has a positive 
a value and decreases the rate. Hammett^s values of a for p- and 
m-dimethylamino make this group meta-orienting according to this 
rule. We think this anomaly is due to erroneous values of cr assigned 
to this group. 

62c. The reaction of benzene as a pseudo-acid. Just as the 
benzene nucleus acts as a pseudo-base in reactions, it could also act 
as a pseudo-acid. In this case the formation of a transition state 



would give the nucleus a negative charge, and the value of p in the 
equation log k = log /co + «rp is positive. From this it follows that 
m-directing groups produce faster reactions at the ortho and para 
positions, and o-p-directing groups favor reactions at the meta posi¬ 
tions. The products of a transition state of this type are 

B 

H 

Stable products can be obtained only if the conditions are such that 
H~ can be removed, or better, if the aromatic compound already 
contains a group that can readily be removed as a negative ion. The 
reaction is then not the replacement of a hydrogen atom but the 
replacement of the more negative group. 

The replacement of negative groups from the benzene nucleus by 
bases has been studied by Schopff, Kenner, Holleman, and Borsche.^^ 
The expected reversal of the directing power of the groups is found. 
When the benzene ring contains several groups that stabilize nega¬ 
tive charges (nitro groups), the salts of the intermediate ion (Ar— B)'~ 
can be obtained. That these ions have the expected structure has 


Schopff, M., Ber,, 24 , 3771 (1891); Fischer, Paul, Ber., 24 , 3785 (1891); 
Grohmann, A., Ber.j 24 , 3808 (1891); Kenner, J., J. Chem. aSoc., 106 , 2717 (1914); 
Holleman, A. F., Rec, trav, chim.j 36 , 1 (1915); 39 , 435 (1920); Holleman, 
A. F., den Hollander, I., and van Haeften, F. E., Rec. trav. chim., 40 , 323 
(1921); Borsche, W., Ann., 386 , 356 (1912); Borsche, W., and Bahr, H., Ann., 
402 , 81 (1914). 
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or aniline already present in the earbinol, as well as to the resonance 
of the entering phenol or aniline. These resonance effects can be 
illustrated by the condensation of dimethylaniline and benzaldehyde 
to form the leucobase of malachite green. The transition state of 
the first step is stabilized by the phase 

Cdh 

I 

c—o-. 


By transfer of a hydrogen ion, the product of the first step forms 

CeHs 

/e2N—C6H4—CHOH. 

The transition state of the reaction between this and another mole¬ 
cule of dimethylaniline has two quinoidal phases: 


4 - 



C OH" and C OH-. 



When the hydroxide ion moves away, it combines with hydrogen 
ion from the positive ion. The final products are therefore 
(i22NC6H4)2CHC6H6 + H2O. It seems to be impossible to obtain 
tetra-arylmethanes by this type of reaction. Thus phenol and 
carbon dioxide form (HOC6H4)3C—OH, but not (HOC6H4)4C. This 
is probably due to steric hindrance. 

52e. The relationship between addition to ethylene and substitu¬ 
tion in benzene. We have assumed that the transition states of the 
substitution reactions of benzene are linear, just as w^e did for the 
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more common addition reactions of an ethylene. The difference 
between a substitution reaction of benzene and an acidic addition to 
an ethylene lies essentially in the follow reactions, or further compli¬ 
cation of the transition state. In C 2 H 4 + ClOH —> HOC 2 FI 4 CI the 
transition state includes the two forms CH 2 =CH 2 Cl —OH and 

4 - — 

CH2—CH2—Cl OH. In the transition state for the reaction of 
benzene and HOCl, the forms would be 


+ 



+ H 


In the former, when Cl is not bonded to OH, the resulting positive 
charge is located on a single atom, whereas in the latter it is dis¬ 
tributed among three atoms. Again, in the latter the proton indi¬ 
cated by H in the formula is readily removed, owing to the consequent 
restoration of the powerful benzene resonance. These two factors 
tend to produce addition reactions with ethylenes and substitution 
reactions with benzenes, whether follow reactions or further complica¬ 
tion of the transition states (Lowry mechanisms) are assumed. A 
substituent group in an ethylene directs the ])Ositions taken by the 
two parts of a polar addend, in the same way as a substituent group 
in benzene directs the position taken by a group replacing hydrogen. 
Markownikoff^s rule corresponds to o-p substitution. 

The assumption of very similar transition states for substitution 
of benzenes and addition to ethylenes gives the foregoing theory 
some of the characteristics of those theories that assume preliminary 
addition.^^ Except for the assumption of an o-p-directing effect 
from the dehydrogenation of a nuclear carbon atom, we have closely 
followed Ingold's theories of the inductive and tautomeric (resonance) 
effects of groups on the favored positions of substitution. 

62f. Condensed-ring systems. The hydrogen atoms of aromatic 
hydrocarbons other than benzene are not equivalent. The resonance 
factor in the relative reactivities of the different positions of these 
hydrocarbons towards substitution can be judged by the number of 

** Holleman, A. F., Die direkte Einfiihrung von Substiiuenten in den Benzol- 
kern. Veit, Leipzig, 1910, 
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forms of tho quinoidal states with a positive charge in the nucleus. 
For the alpha position of naphthalene there are seven forms with A 
not bonded to B: 


AB- 


/■' 

\/\/ 


AB- 


/\ 




AB- 



\/\/ 


A B- 




AB- 


AB- 



\/\/ 


AB- 



\/\/ 


For the beta position there arc only six such forms. The resonance 
fa(!tor favors alpha substitution. The main product of the nitration 
of naphthalene is a-nitronaphthalene. The difference between posi¬ 
tions is still more marked in anthracene, 



There are sixteen forms of the transition state of the type 


B- 
A H 


X 




for reaction at (9), twelve for reaction at (1), and only ten for reac¬ 
tion at (2). The product of the transition state for the reaction at 
(9) is 


A H 
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Equal resonances are obtained from this by loss of hydrogen ion or 
neutralization of the charge by addition of a negative ion to the 
(10) position (four Kekule forms in each (;as('). Anthracene should 
therefore behave like ethylene and undergo an addition rather than 
a substitution. The addition has to be 9,10 (corresponding to 1,4 
addition), as this type of addition interferes with the n^sonance less 
than any otlu'r. 

In cold carbon disulfide solution, chlorine adds to anthracene; at 
100° it substitutes, forming 9-chloroanthrac(aie and 9,10-dichloro- 
anthraceiK'. ih'esumably the addition reaction is faster than the 
substitution, and oceurs first. Tlui mono substitution product can 
be obtained from the addition product by loss of IICU. 

A theoretical comjiarison of the rate of substitution of one aromatic 
hydrocarbon with anothia' is not c‘asy. Such rates depend not only 
on the resonance in transition state's but also that in th(3 reactants, 
and the resonating forms of the* transition state's are ne>t ce)mparable 
with the Kekule* fe)rms of the hydrocarbe)ns. However, there is 
little doubt that, with sixteen epiinoidal forms of the transition state* 
and four Kekule forms of the hydrocarbon, anthracene should be 
more reactive than benzene, which has two Ke*kule* forms for the 
reactant and three cpiinoidal phases of the transition state. 

Substituent groups in e*ompound arejmatie* nuck'i retain their e>/>- 
and m-directing characters. Certain non-equivalences of position 
occur in the compound nuclei. Thus the two positions ortho to 
the hydroxyl group are not equivalent in /3-naphthol, 


/ (8)\/ (1)\ 

1 (7) ; 

(2). 

hy' 

(3) 

x(y 


The number of forms of the type 



differ for various positions of substitution. There are two for substi¬ 
tution at position (1), 
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bat only one on-ch for substitutions at (8), (6), and (8), and none for 
substitutions at (4), (5), and (7). Substitution occurs wry rapidly 
and predominantly at position (1). The much great(T rc^aetivity of 
position (1) than of any other ])osition in /5-naphthol will lead to 
reaction at this position even if it is already occupied, provided a 
stable product can be obtained by a follow reaction, such as the 
loss of hydrogen ion from the hydroxyl group. With chlorine, 
a-chloro-Z^-naphthol gives 



in preh'rence to a dichloronaphthol. Other substituting reagents 
and oth(;r «“substituted i^-naphthols have been found to yield similar 
keitones.**^'^ 

By {*onsid(u*ations exactly analogous to those used on the naph- 
thols, it may be scnm that /3-anthrol should substitute almost ex¬ 
clusively in the a j)osition. There are three forms in which the 
negative charge is on carbon atom (1): 








\AA^ 


There are two forms in which the negative charge is on carbon atom 
(9), one each with the negatives charge on carbon atoms (3), (6), 
or (8), and none with the negative charge on atoms (4), (5), (7), 
or (10). Fricis^** has found that 2,6-dihydroxyanthracene brominates 
exclusively in the (1) and (5) positions. 


63. FOUR-CENTER REACTIONS 


In the reaction 


2CH2=CH2 CH 2 —CH 2 

I I 

CH2—CH2 ' 


Zincke, Th., Ber., 21, 3378, 3540 (1888); Fries, K., and Hubner, E., Ber., 
39, 435 (1906); Fries, K., and Hempelmann, E., Ber., 41, 2614 (1908); Frie^*, K., 
and Schimmelschmidt, K., Ann., 484, 245 (1930). 

Fries, K., Walter, R., and Schilling, K., Ann., 516, 248 (1935). 
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the transition state almost certainly has the four carbons in a plane 
quadrilateral figure. A linear combination would leave the very 
reactive bi-radical •CH 2 —CH 2 —CH 2 —CH 2 *, which would form a 
macropolymer. However, in simple cases the energy barrier to 
these four-center reactions would be high. The polymerization of 
ethylenes to cyclobutanes is slow and occurs only at high tempera¬ 
tures, with heats of activation in the neighborhood of 40 kcal. How¬ 
ever, if the six carbon atoms of an ethylene and a conjugate system 
of four atoms are arranged in a ring, there would be considerable 
resonance in the transition state. Thus for CH 2 =CH—CH=CH 2 
and CH 2 =CH 2 we could have the hexagonal arrangement 


CH2 

CH(fe) 


i: 


!H(c) 

\(^) 

CH 2 


(/)CH2 

(e)Cm 


with six electrons left to form three more bonds: a/, 6c, and de; or 
abj cdj and ef; as well as the less stable combinations ad, be, ef; ab. 
cf, de; and a/, be, and cd. The resonance is similar to that in a 
benzene ring, except that the molecules that make up the system 
repel each other while in benzene all the parts arc held together by 
bonds. Also, this system would need more energy than does benzene 
to make all the distances between carbon atoms the same, and so 
the resonance of the six-ekictron system would not be so good in 
this transition state as it is in benzene. But, though less than the 
full benzene resonance energy is to be expected from this transition 
state, very much more would be obtained than in the quadrilateral 
transition state for the reaction. 


CH 2 CH 2 CH 2 —CH 2 

Ahj in,—in/ 


In consequence, the activation energy of the reaction 


ch!!==ch—ch=c::h2 + ch2=ch2 


CH2 



\ 

CH 

11 

CH* 

1 

ha 

Q— 
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should be much less than 40 kcal. and the reaction should be possible 
at moderate temperatures. This type of reaction has been dis¬ 
covered. It is known as the Diels-Alder diene condensation. 

Evans and Warhurst^^ have calculated the energy of formation of 
the transition state for the dimerization of simple ethylenes as 36 
kcal. They calculate the energy obtained by the six-electron reso¬ 
nance in the diene condensation as 18 kcal. and the energy needed 
to form the transition state for this reaction as 18 kcal. The heat of 
activation for the dimerization of simple ethylenes is fairly constant 
and averages 39 kcal.^® Evans and Warhurst give' 26.3 kcal. as the 
average heat of activation of the dimerization into six-membered 
rings of aliphatic chain dienes. The agreement between calculated 
and actual values is not very good, but the predicted qualitative 
effect is found. 

In the condensation between two dienes, further resonance arises. 
This extra resonance exists in both the reactant and the transition 
state, but is a combination of more forms in the latter than in the 
former, and would be expected to increase the reaction rate. The 
ionic forms that allow conjugation between the unsaturated side 
chain and the ring in the transition state are 


and 


C—C=C 


6 c 



c—c 

± / \ - 
c—c=c c+, 

/ 

c=c 


c—c=c 


c—c 

\ 


c—c 


c. 


The resonance in the reactant is increased by the ionic forms 

- + 

c—c=c—c. 

The condensation between an ethylene and a diene is therefore diffi¬ 
cult to obtain because of the more rapid condensation of the diene 
with itself. The carbonyl group gives even better ionic resonance 


Evans, M. G., and Warhurst, E., Trans. Faraday Soc., 34, 614 (1938). 

“ Krauze, M. V., Nemtzov, M. 8., and Soskina, E. A., Compt. Rend. 
U.K.S.S., 3, 262 (1934). 
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than the ethylenie double bond. In consequence, in the diene con¬ 
densation of a mixture of compounds having the skc^k'ton structures 
C=C—C=C and C=C—C=0, the former siippli(\s four atoms to 
the six-membered ring and the latter two carbon atoms. The 
product is 

C—C 

\ 

c C--C=(). 


\ / 


c—c 


These reactjons are faster and hav(' low(^r activation energies than 
those between two dienes. The conjugated system, maleic anhydride; 

c—0=0 
\ 

c—c=o 


is a very efficient reagent in diene condensations. It supplies two 
carbon atoms to the' six-carbon ring formed, the other four coming 
from a conjugated diene. 

63a. Aromatic rings in the diene condensation. I'he diene con¬ 
densation between benzene and maleic anhydride does not occur. 
This can be attributed to the large energy of the resonance betweeai 
the Kekule forms of b(;iizene. This resonance tends to be lost in the 
transition state, and only resonan(;e between ionic forms replaces it. 
When, however, the process of saturating a ring in a polynuclear 
aromatic compound does not decrease the number of K(;kule forms, 
the diene condensation occurs so as to saturate this ring. For in¬ 
stance, maleic anhydride adds to the central nucleus of anthracene 
at the (9) and (10) positions. Taking and 7ir as the number of 
Kekule forms of the diene condensation product and of the reacting 
aromatic hydrocarbon, respectively, the ease of diene condensation 

increases as the quantity increases.Therefore tetracene 

Ud + Ur 

and pentacene are very reactive.^* In a complex polynuclear 
aromatic hydrocarbon, the reaction occurs at that point for which 

— ■ is greatest. 

rid + rir 


See section 32a, Chapter VII. Note that the sign of the difference here 
is the reverse of what it is in the case of the quinones of Chapter VII. 

Clar, E., Ber., 73, 81 (1940); Ber„ 72, 1817 (1939). See also Kon, G. A. R., 
Annual Reports Chem. Soc., 1932, p. 163. 
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heat of isomerism, 340 
Crotonic aldehyde, heat of hydro¬ 
genation, 275 
Cross-conjugation, 235 
effect in absorption spectra of 
cyanines, 171 

Crum-Brown Gibson rule, 473 
Crystal violet: 
absorption spectrum, 178 
effect of addition of hydrogen ion 
on spectrum, 160, 179 
Cupric ion, configuration of four 
covalent, 123 

Cyanacetic acid, dissociation con¬ 
stant of, 224 

Cyanamide, acid dissociation con¬ 
stant of, 267 
Cyanines: 

as type of oscillator, 165 
first absorption band of, 166 
Cyanoform, acid dissociation con¬ 
stant of, 269 

Cyanogen, geometry of, 107, 122 
Cyanohydrins: 
dissociation constants, 343f. 
effect of semiacctal formation on 
dissociation of, 349ff. 
effect of substitution on the dis 80 > 
ciation of, 348 
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1 - C'yano - 9,10 - phermntiiroquinone, 
oxidation-reduction potential, 
317 

Cyan uric acid (keto form), geometry 
of, 109, 110 

Cyanuric triazide, geometry of, 110 
Cyclobutadiene, geometry of, 108 
1,3-Cycloheptadiene, heat of hydro¬ 
genation, 275 

(Jycloheptatriene, heat of hydrogena¬ 
tion, 275 

C/ycloheptene, heat of hydrogenation, 
275 

Cyclohexane, geometry of, 100, 122, 
279 

Cyclohexanone, 275 

rates of addition reactions of, 460 
Cyclohexene, heat of hydrogenation, 
275 

Cyclohexyl chloride, rate of r(‘action 
with iodidcj ion, 438 
Cyclohexylphenyl ketone cyano¬ 
hydrin, dissociation constant, 
345 

Cyclooctonc, heat of hydrogenation, 
275 

Cycloparaffins: 
configuration of, 279 
heats of combustion of, 279 
Cyclopentadicne: 

acid dissociation constant of, 268 
geometry of, 106, 109 
heat of hydrogenation, 275 
Cyclopentanc, geometry of, 106, 122 
Cyclopentanone, heat of hydrogena¬ 
tion, 275 

Cyclopentene, heat of hydrogenation, 
275 

Cyclopropane, geometry of, 106 

D 

De Broglie, relation between wave 
length and momentum, 95 
Debye equation for coherent scat¬ 
tering of X-rays, 93 
n-Decyl alcohol, dipole moment of, 
131 

Degenerate states, 58, 59 
Dewar structure of benzene, 89 
Di acetyl: 

geometry of, 106, 109 
temperature dependence of dipole 
moment, 141 


Diacetylene, geometry of, 107, 109, 
122 

Diamond, geometry of, 106 
Diazoacetate ion, rate of acid cata¬ 
lyzed decomposition of, 411 
412 (table) 

1,2,5,6 - Dibenz - 9,10 - anthra- 
quinone, oxidation-reduction 
potential, 309, 310, 312 
1,2,7,8 - Dibenz - 3,4 - phenanthra- 
quinone, oxidation-reduction 
potential, 310, 313 
Dibenzyl: 

geometry of, 106, 107 
resonance, from bond distance, 116 
Dibenzylacetic acid, dissociation con¬ 
stant of, 225 

Dibenzyl- 7 , y'-dipyridyl, diradical 
character of, 337 
Diborane, 387 

7A<.-Dibromobenzene, dipole moment 
of, 135 

o-Dibromobenzene, dipole moment 
of, 135 

p-Dibromobenzene, dipole moment 
of, 135 

p-p'-Dibromodiphonyl ether, dipole 
moment of, 137 

«ym-Dibromoethane, temperature de¬ 
pendence of dipole moment, 141 
si/m-Dibromoethylene: 
geometry of, 108 
heat of isomerism, 340 
a-Dibromopropionic acid, dissocia¬ 
tion constant of, 224 
a,/3-Dibromosuccinic acid, dissocia¬ 
tion constant of, 224 
Dicarboxyacetylene, stereoisomers 
formed in addition of HCl to, 
455 

4 - Dicarboxymethyl - 1,2 - naphtho¬ 
quinone, oxidation-reduction 
potential of ester, 316 
Dichloroacetic acid, dissociation con¬ 
stant of, 224 

m-Dichlorobenzene, dipole moment 
of, 135 

o-Dichlorobenzene, dipole moment 
of, 135 

p-Dichlorobenzene, dipole moment 
of, 130, 135 

2,6-Dichlorobenzoyl chloride, rate of 
alcoholysis, 445 

Dichlorodibromomethane, geometry 
of, 108 
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1.1- Dichloroethane, Cl-Cl distance 

in, 124 

1.2- Dichloroethane: 

Cl-Cl distance in, 124 
restricted rotation in, 124 
restricted rotation in and dipole 

moment, 140 

temperature dependence of dipole 
moment, 141 

1.1- Dichlorocthylene: 

CI-Cl distance in, 124 
Keometry of, 108 

1.2- Dichloroethylenc: 

Cl-Cl distance in cis and Irans 
isomers, 124 

determination of structure from 
dipole moments, 138 
dipole moments of cis and trans^ 
130 

geometry of cls~tr<tns isonn'rs, 108, 
313 

heat of isomerism, 340 

Dicyanamide, acid dissociation (con¬ 
stant of, 267 

Dielectric constant, 128 

Diels-Alder condensation (.see Diene 
cond(msation) 

Diene condensation, 48811. 
with aromatic rings, 490 

0,9' - Diethoxy - 10,10' - phenanthryl 
peroxide, dissociation into free 
radicals, 333 

Diethyl chloromalonate, rate of reac¬ 
tion with iodide ion, 438 

Diethyl-a,a'-dibromosuccinate, ster- 
eoclumiistry of reaction with 
zinc, 455 

Diethylmalonic acid, dissociation 
constants of, 225 

2,4 - Di[(l - ethyl - 2(1) - quinolyli- 
dene)methyll (1) ethylquino- 
linium ion: 
spectrum of, 172 
partials in, 171 

Difluoroacetic acid, dissociation con¬ 
stant, 224 

m-Difluorobenzone, dipole moment 
of, 135 

o-Difluorobenzene, dipole moment of, 
135 

p-Difluorobenzene, dipole moment of, 
135 

Difluorochloromethane, geometry of, 
107 


Difluorodichloromethanc, geometry 
of, 107 

Difluoromethane: 
geometry of, 107 

resonance from bond distance, 116 
Diformic acid, 386 
Di hydrogen phosphate ion, catalytic 
decomposition (d nitramide by, 
412 

2.6- Dihydroxyanthracenc, br(3mina- 

tion of, 487 

2.6- Di hydroxy benzoic acid, dissocia¬ 

tion constant of, 261 
/^i-Diiodobenzene: 
dipole moment of, 135 » 

geometry of, 108 
e-Diiodobenzene: 
dipole moment of, 135 
geometry of, 108 
p-Diiodobenzene: 
dipole moment of, 135 
geometry of, 108 

p-p'-Diiododiphenyl ether, bond 
angle in, 137 

^-Di ketones, cross-conjugation in, 
238 

Dike topi per az i n o: 

geometry of, 106, 100, 110 
hydrogen bond in, 117 
Dimethylacetylene: 
geometry of, 106, 122 
resonance from bond distance, 115 
/3-Dimethylacrylic acid, dissociation 
constant of, 233 

p-Dirnethylaminoanisol, rate of reac¬ 
tion with 2,4,6-trinitroanisole, 
426 

p-l limethylaminobenzaldehyde cy¬ 
anohydrin, dissociation con¬ 
stant, 347 

p-Dimethylaminochlorobenzene, rate 
of reaction with 2,4,6-trinitro- 
anisole, 426 

4 - Dimethylamino - 2,6 - dinitro- 
anisole, rate of reaction with 
p-dimethylaminoanisole, 426 
2 - N - Dimethylamino - 1,4 - naph¬ 
thoquinone, oxidation-reduc¬ 
tion potential, 316 

p-Dimethylaminonitrobenzene, rate 
of reaction with 2,4,6-trinitro¬ 
anisole, 426 

p - Dimethylamino - p' - nitrotri^ 
phenylmethyl, 328 



508 


SUBJECT INDEX 


p-Dimethylaminostilbenc, spectrum 
of, 174 

p-Dimethylaminotolueno, rate of re¬ 
action with 2,4,6-trinitroani- 
sole, 426 

Dimethylanilinc: 
dipole moment of, 146, 148 
quaternization by anisolcs, 425f., 
436 

rate of reaction of diortho-deriva¬ 
tives with methyl iodide, 443 
rate of reaction with 2,4,6-trinitro- 
anisolc, 426 

2.3- Dimethylbutadiene, heat of hy¬ 

drogenation, 275 

Dimothyldiacetylene, geometry of, 
106, 107, 109 
Dimethyl ether: 
dipole moment of, 146 
geometry of, 109 
structural formula of, 6 
Dimctwyl fumarate, heat of isom¬ 
erism, 340 

N-Dimethylglycine, positive ion, acid 
dissociation constant of, 224 
Dimethylmaleate, heat of isomerism, 
340 

Dimethylmalonic acid, dissociation 
cons cant of, 224 

Dimethylmcsidine, dipole moment of, 
148 

4.4- Dimethylpentone-l, heat of hy¬ 

drogenation, 275 

5-Dimethyl-4-pentenoic acid, disso¬ 
ciation constant of, 233 
1,1-Dimethyipropionaldehyde, di¬ 

pole moment of, 146 
or, /5-Dimethylsuccinic acid, dissocia¬ 
tion constants of, 224, 225 

2.6- Dimethoxybenzoyl chloride, rate 

of alcoholysis, 445 

9,9' - Diraethoxy - 10,10' - phenan- 
thryl peroxide dissociation, 
332 f. 

2.6- Dinitroani8ole, rate of reaction 

with p-dimethylaminoanisole, 
426 

m-Dinitrobenzene, dipole moment of, 
135 

o-Dinitrobenzene, dipole moment of, 
135 

p-Dinitrobenzene, dipole moment of, 
135 

2,3-Dimtrobenzoic acid, dissociation 
constant of, 260 


2.5- Dinitrobenzoic acid, dissociation 

constant of, 260 

2.6- Dinitrobenzoyl chloride, rate of 

alcoholysis, 445 

Dinitromethanc, acid dissociation 
constant of, 269 
Dioxane, geometry of, 122 
Diphenoquinone, oxidation-reduc¬ 
tion potential, 307 
Diphenyl: 
geometry of, 106 

resonance from bond distance, 114 
steric inhibition of resonance in <>- 
substituted, 169 
Diphenyl-o-anisylmethyl, 320 
Diplienyl-p-anisylmethyl, 320, 323 
Diphcnylberizoylmcthyl, 333 
Diphenylbutadienc, absorption spec¬ 
trum of, 161 

Diphenyl - p - tert - butylphenyl- 
methyl, 320 

Diphenyldecapentaene, absorption 
spectrum of, 161 
Diphenyldodeeahexaene: 
absorption spectrum of, 161 
direction of absorption in, 175 
Diphenyl ether, dipole moment of, 
136 

Diphenylhexatrienc, absorption spec¬ 
trum of, 161 

Diphenyl mercury, dipole moment of, 
136 

Diphenyl-a-naphthylmethyl, 320 
Diphenyl-/5-naphthylmethyl, 320 
Diphenyloctatetraene: 
absorption spectrum of, 161 
direction of absorption in, 175 
Diphenylpolyenes: 
as a type of oscillator, 163 
characteristic frequencies of, 165 
vibrational structure in spectra of, 
161 

Diphenyl selenide, dipole moment of, 
136 

Diphenyl sulfide, dipole moment of. 
136 

Diphenyl telluride, dipole moment 
of, 136 

Diphenyltetradecaheptaene, absorp¬ 
tion spectrum of, 161 
Diphenyl-o-tolylmethyl, 320 
Diphenyl-p-tolylmethyl, 320 
a, - Di phen y 1-/5-2,4,6-tri ni trophen- 
ylhydrazyl, 328 

Di phenyl-m-xenyl methyl, 320, 322 
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Diphenyl-p-xenylmethyl, 320, 322 
Dipole moments, 126ff. 
and resonance, 144ff. 
and rotation about a single bond, 
139 

comparison of aliphatic and aro¬ 
matic compounds, 146 
direction along N-C bond, 149 
of aliphatic homologucs RX, 131 
of group attached to an atom other 
than carbon, 135ff. 
of halogenated methanes, 135 
permanent and induced, 137 
sign of, 132 

temperature dependence of, 141 
vector addition of, 133ff. 

Diradicals, 333ff. 

Directing influence of substituent 
groups in benzene, 471ff. 

Direct transmission of polar effects, 
65, 223, 234 

Dissociation, effect on spectra, 160 
Dissociation constant: 
acidic, 183ff. 

temperature coefficient of acidic, 
190 

Dissociation energy: 
of diatomic molecule, 55, 57, 102 
of H 2 molecule, 55, 57 
Disubstituted benzenes: 
combination of moments in para, 
133 

vector addition of dipole mo¬ 
ments in, 134ff. 

Divalent nitrogen, 326ff. 

Donor, 187 
Double bonds: 

equilibrium of addition to, 343ff. 
linear reaction at, 450 
reactivity of, 449 
Drude's dispersion formula, 156 
Durene, geometry of, 106, 107 
Durenol, dipole moment of, 148 
Dyad resonance, 78 

£ 

Effective nuclear charge, 55 
Electric dipoles, 44f. 

Electromeric effect, 429 
Electromers, 338 
Electron diffraction, 95 
Electron distribution in the H 2 mole¬ 
cule, 54 

Electronic absorption bands, vibra¬ 
tional structure of, 160ff. 


Electronic distances in the H 2 mole¬ 
cule, 51 

Electronic distribution of the atoms 
(table), 35 

Electronic excitation: 
of atoms, 99 
of molecules, 99 

Electronic formulas, transformation 
into bond formulas and vice 
versa, 44 

Electronic oscillations as the cause 
of light absorption, 162 
Electronic structural foimulas, 38ff. 
Electron-pair bond in quantum me¬ 
chanics, 46ff. 

Electrons: 

as quantized oscillators, 162 
elastic scattering of, 96 
Electron spin: 

in the method of bond orbitals, 83 
wave functions, 53 
Electrovalence, 2, 43 
Enantiomorphism, 16 
Energy: 

of bond deformation, 155 
of stretching a bond, 155 
Energy states of linear harmonic 
oscillator, 162 
Enhanced valence, 21 
Enolization as preliminary step in 
reactions, 440 
Equilibrium, 183ff. 

Equilibrium constant, 183 
relation between, and changes of 
free energy, heat content, and 
entropy, 190 
Ethane: 

geometry of, 106, 109 
heat of formation,^273 
Ether, geometry of, 122 
2-Ethoxypropene, heat of hydro¬ 
genation, 275 

Ethyl acetate, dipole moment of, 146 
Ethyl acetoacetate: 
solvent effect on tautomerism, 297 
tautomerism, 295 
Ethyl alcohol: 
dipole moment of, 131 
infra-red absorption of, 120 
relative rate of reaction with 
acetaldehyde, 431 
structural formula of, 5 
a-Ethylacetylacetone, tautom¬ 

erism, 295 
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^-Ethylacrylic acid, dissociation con¬ 
stant of, 233 

Ethylbenzene, heat of hydrogenation, 
275 

Ethyl benzoate, dipole moment of, 
146 

Ethyl fl£-benzylacetoacetate, tautom- 
erism, 295 

Ethyl bromide, alkcne formation 
and qiiaternization reactions 
with pyridine, 432 

Ethyl a-bromoacetoa(;etat(;, action 
of HBr on, 439 

Ethyl a-n-butylacetoacetate, tautom- 
erism, 295 

Ethyl a-scc-butylacetoacetate, taii- 
tomerism, 295 

Ethyl a-ieri-butyl-/3-<er^-butylaceto- 
acetate, tautomer ism, 295 
Ethyl chloride: 

alkaline hydrolysis as a unimo- 
lecular reaction, 405 
dipole moment of, 131 
rate of reaction with iodide ion, 438 
Ethyl a-n-duodecyI-/3-7i-duodecylace- 
toacetatc, tautomerism, 295 
Ethylene: 

geometry of, 108, 109, 122 
heat of hydrogenation, 275 
Ethylene dichloride, dipole moment 
and rotation in, 45 
Ethylene oxides, reaction with water, 
hydronium ion, chloride ion, 
hydrochloric acid, 404 
Ethylenes: 

cis-trans isomerism of olefines, 
339ff. 

peroxide effect on addition reac¬ 
tions of, 453ff. 

reactions as pseudo-bases, 451 ff. 
Ethyl Qc-ethylacetoacetate, tautom¬ 
erism, 295 

Ethyl a-n-heptyl-i3-n-heptylaceto- 
acetate, tautomerism, 295 
Ethyl a-fso-propylacetoacetate, tau¬ 
tomerism, 295 

Ethyl a-fso-propyl-iso-butyrylace- 
tate, tautomerism, 295 
Ethyl a-methylacetoacetate, tautom¬ 
erism, 295 

Ethyl oc-n-pentyl-jS-n-pentylacetoace- 
tate, tautomerism, 295 
Ethyl a-phenylacetoacetate, tautom¬ 
erism, 295 


Ethyl a-methylpropionylacetate, 
tautomerism of, 295 
Ethyl a-7i-propylacetoacetate, tau¬ 
tomerism, 295 

Ethyl a-n-propyl-n-butyrylacetate, 
tautomerism, 295 
Exchange integral, 57, 85 

F 

Fluorine: 

atomic covalent radius, 112 
heat of dissociation, 272 
Fluoroacotic acid, dissociation con¬ 
stant of, 224 

Fluorobenzene, dipole moment of, 146 
p-Fluorobenzoyl chloride, relative 
rate of alcoholysis, 442 
Fluorochloromethane, geometry of, 
107 

Fluorodichloromethane, geometry of, 
107 

Fluorotrichloromethanc, geometry 
of, 107 

p-Fluorotriphenylmethyl chloride, 
relative rate of alcoholysis, 442 
Force constants, 151, 153 
of deformation, 155 
Formal charge, 43 
effect of position in resonating 
structures on acid strength, 195 
inductive constant for, 204 
Formaldehyde, geometry of, 109, 122 
Formate ion, catalytic decomposition 
of nitramide by, 412 
Formic acid: 

dissociation constant of, 209, 225 
geometry of, 109 
hydrogen bond in, 117, 118, 386 
Formulas, molecular, 3 
Four-center reaction, 391, 487ff. 

Free energy, 184 

Free radicals, 23, 45f., 3l7ff. 

in organic reactions, 393 
Free rotation, 18, 124ff. 

Frequencies of bonds or groups 
(table), 153 

Fulvene, calculation of first absorp¬ 
tion band, 158 
Fumaric acid: 

dissociation constants of, 233 
heat of isomerism, 340 
stereoisomers formed in addition 
reactions of, 454 

Fundamental frequency of linear 
harmonic oscillator, 162 
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Furan: 

geometry of, 106, 108, 109, 122 
resonance energy, 282 
Furoic acid: 

cross-conjugation in, 238 
dissociation constant of, 233 

G 

General reactions, 10 
Germanium, atomic covalent radius, 
112 
Glucose: 

acid dissociation constant, 211 
mutarotation as an acid-base cata¬ 
lyzed reaction, 411 

Glutaric acid, dissociation constant 
of, 224 

Glycerol, effect on acid strength of 
boric acid, 199 
Glycine: 

effc^ct of tautomerism on ihe disso¬ 
ciation constant of, 199 
formal charges in, 43 
geometry of, 100, 110 
hydrogen bond in, 117 
positive ion, acid dissociation con¬ 
stant of, 225 

Glyoxal, geometry of, 106, 109 
Graphite: 
geometry of, 106 
heat of sublimation, 273 
Ground state, 31 
energy from secular equation, 86 
Group interaction, 62 

H 

Halogenocthylenes, geometry of, 122 
Hammett’s equation, 246, 416fT. 
relation to Bronsted’s equation, 420 
relation to directing influence of 
substituent groups in benzene, 
480 

Heat of activation, 9, 367 
of the reaction H 2 (o) + H —♦ H 2 (p) 
+ H, 391 

Heat of dissociation of the C—C bond 
in ethanes, 319 

Heat of formation and ionic reso¬ 
nance, 271ff. 

Heat of hydrogenation (table), 275ff. 
Heptene-1, heat of hydrogenation, 
275 

n-Heptyl alcohol, relative rate of re¬ 
action with acetaldehyde, 431 


n-Heptyl chloride, dipole moment of, 
1*31 

Hexacenc, diradical character of, 336 
Hexachlorobenzene, geometry of, 106, 
108 

1,3-Hexadiene, heat of hydrogena¬ 
tion, 275 

1,5-Hexadiene, heat of hydrogena¬ 
tion, 275 

Hexamethyl benzene, geometry of, 
106, 107, 122 

Hexamethylenetetramine, geometry 

of, no 

2- Hexenoic acid,dissociation constant 

of, 233 

3- Hexcnoic acid, dissociation con¬ 

stant of, 233 

4- Hexenoic acid, dissociation con¬ 

stant of, 233 

n-Hexyl al(H)hol, dipole moment of, 
131 

Hi ndered rotati on: 
about double bonds, 18 
about single bonds, 19 
Hixon-Johns method, 65 
Homology, 13 
Homopolar state, 50 
Hybridization of orbitals, 61 
and bond configuration, 123 
Hydrazones, rates of formation of, 
458, 459 

Hydrindene, heat of hydrogenation, 
275 

Hydrogen: 

atomic covalent radius, 112 
dipole moment of, 129 
enhanced valence of, 24 
heat of dissociation, 272 
Hydrogen bond, 116 
effect on infra-red absorption, 118ff. 
position of proton in, 118, 386 
Hydrogen bromide, heat of dissocia¬ 
tion, 272 

Hydrogen chloride: 
dipole moment of, 130 
heat of dissociation, 272 
Hydrogen difluoride ion, 386 
Hydrogen fluoride, heat of dissocia¬ 
tion, 272 

Hydrogen iodide, heat of dissocia¬ 
tion, 272 

Hydrogenmalate ion, catalytic de¬ 
composition of nitramide by, 
412 
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Hydrogen molecule, 51ff. 
approximate calculations of atomic 
distances and dissociation 
energies in, 57 
ion, 58f. 

Hydrogen peroxide, acid dissociation 
constant, 210 

Hydrogenphosphate ion, catalytic 
decomposition of diazoacetatc 
ion by, 412 

Hydrogenphthalate ion, catalytic de¬ 
composition of nitramide by, 
412 

Hydrogensuccinatc ion, catalytic de¬ 
composition of nitramide by, 
412 

Hydrogen sulfide, geometry of, 122 
Hydrogentartrate ion, catalytic de¬ 
composition of nitramide by, 
412 

Hydrolysis, unimolecular and bi- 
molecular, 405 

Hydronium ion, catalytic decomposi¬ 
tion of diazoacetate ion by, 412 
Hydroquinone, semiquinonc of, 331 
Hydroquinone dimethyl other, dipole 
moment and rotation in, 142 
Hydroxyacetic acid, dissociation con¬ 
stant of, 224 

w-Hydroxybenzaldehyde cyanohy¬ 
drin, dissociation constant of, 
347 

p-Hydroxybenzaldehyde cyanohy¬ 
drin, dissociation constant of, 
347 

p-Hydroxycinnamic acid, heat of 
isomerism, 340 

/3-Hydroxylactic acid, dissociation 
constant of, 224 

2-Hydroxy-l,4-naphthoquinone, oxi¬ 
dation-reduction potential, 316 
1 - Hydroxy-9,10- phenanthraquinone, 
oxidation-reduction potential, 
317 

p-Hydroxyphenylacetic acid, reso¬ 
nance in, 243 

Hypobromous acid, dissociation con¬ 
stant, 210 

Hypochlorous acid, dissociation con¬ 
stant, 209 

Hypoiodous acid, dissociation con¬ 
stant, 210 

Hypophosphorous acid: 
dissociation constant of, 211, 212ff. 
tautomerism and resonance in, 214 


Ice, hydrogen-bond in, 117 
Incoherent scattering of X-rays, 93 
Indene, heat of hydrogenation, 275 
Induction, 63 
Induction period, 364 
Inductive constants, 203f. 

for resonating and polarizable 
groups, 223 

method of defining, 201f. 

Inductive effect, 64 
on acid strength, 194 
on directing influence of substitu¬ 
ent groups in benzene, 477ff. 
on reaction rate, 428ff. 
saturation of, 205, 218 
Inductomcric effect, 429 
Inelastic scattering of electrons (in¬ 
coherent), 97 
Infra-red absorption: 
of OH compounds, 118ff. 
of NH compounds, 118ff. 

Inhibitor, 365ff. 

Inner salt, 43, 187 

Interatomic distance in hydrogen 
bond, 117 

Intermediate product, maximum con¬ 
centration of, 357ff. 
Internuclear and other distances in 
the H 2 molecule, 51, 55, 57 
(table) 

Internuclear distances, 112 
Intramolecular action, mechanism 
for the description of, 192ff. 
Iodine: 

atomic covalent radius, 112 
heat of dissociation, 272 
Iodine bromide, heat of dissociation, 
272 

Iodine chloride: 
dipole moment of, 130 
heat of dissociation, 272 
lodoacetic acid, dissociation con¬ 
stant of, 224 

lodobenzene, dipole moment of, 146 
o-Iodobenzoic acid, rate of esterifica¬ 
tion, 444 

p-Iodobenzoyl chloride, relative rate 
of alcoholysis, 442 
Iodoform, dipole moment of, 135 
p-Iodotriphenylmethyl chloride, rela¬ 
tive rate of alcoholysis, 442 
Ionic binding, 39 
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Ionic resonance, and heat of forma¬ 
tion, 271ff. 

Ionic state, 50 

iso- Amyl, Butyl, etc. (see Amyl, 
Butyl, etc.) 

Isocatalytic point, 402 
Isocyanine ion, spectrum of, 172 
Isomerism: 

effect on spectra, 159ff. 
in Lewis electron theory formula¬ 
tion, 77 
structural, 6 
Isotopes, 26 

K 

Kernel, 40 

Ketals, equilibrium of formation 
from ketones and orthoformic 
esters, 346 

Keto-enol equilibria, 289ff. 

Ketones, halogenation of, 440 

L 

Lead, atomic covalent radius, 112 
Leveling effect of water, 201 
Lewis atom, 27 

Lewis electron formulas, energies as 
a function of atomic configura¬ 
tion, 74ff. 

Linear condensed-ring systems, di¬ 
radical character of, 336f. 
Linear harmonic oscillator, potential 
function for, 101 
Linear oscillators, types of, 163 
Linear relationships among proper¬ 
ties, 14 
A log Ka-: 

division into contributing factors, 
192ff. 

relation between, for anilines and 
phenyl boric acids, 256 
relation between, for benzoic and 
phenylboric acids, 253 
relation between, for phenol, thio- 
phenol, and anilinium ion, 254 
sign of, 192, 193 

Lowry’s mechanism for acid-base 
catalysis, 403ff. 

Lyman series, 99 

M 

Macropolymerization, 455ff. 
Magnetism: 
of diradicals, 333ff. 
of unpaired electrons, 46 


Magnetic quantum number, m, 30 
Malachite green, absorption spec¬ 
trum showing X and y bands, 
178 

Malate ion, catalytic decomposition 
of nitramide by, 412 
Maleic acid: 

dissociation constants of, 233 
heat of isomerism, 340 
stereoisomers found in addition re¬ 
actions of, 454f. 

Malic acid in the Walden inversion, 
395 

Malonic acid: 

anomalous strengths of substi¬ 
tuted, 226 

dissociation constants of, 224, 225 
Malonic esters, keto-enol tautom- 
erism, 293 

Malononitrile, acid dissociation con¬ 
stant of, 269 

Mannitol, effect on acid strength of 
boric acid, 199 
Markownikoff’s rule, 452ff. 

Master reaction (see Rate-determin¬ 
ing step) 

Mechanisms of reactions, 304ff. 
Mercuric chloride, configuration of, 
123 

Mesaconic acid, heat of isomerism, 
340 

Mesidine, dipole moment of, 148 
Mesitylene, geometry of, 106 
Mesomeric effect, 429 
Mesomeric moment, 147 
Mesomerism, 70ff. 

Mesomers, in Lewis electron theory 
formulation, 77 

Metaldehyde, geometry of, 109 
Metal ketyls, 325f. 

Methane: 
geometry of, 109 
heat of formation, 273 
m-Methoxybenzaldehyde cyanohy¬ 
drin, dissociation constant, 347 
p-Methoxybenzaldehyde cyanohy¬ 
drin, dissociation constant, 347 
p-Methoxybenzoyl chloride, relative 
rate of alcoholysis, 442 
4-Methoxy-2,6-dinitroani8ole, rate of 
reaction with p-dimethyl- 
aminoanisole, 426 

Methoxymalachite green, absorption 
spectrum showing x and y 
bands, 178 
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2-Methoxy-l, 4-naphthoquinone, oxi¬ 
dation-reduction potential, 316 
4-Methoxy-l ,2-naphthoquinone, oxi¬ 
dation-reduction potential, 316 
1-Methoxy -9,lO-phenanthroquinone, 
oxidation-reduction potential, 
317 

a-Methoxy-/3-phenylpropionic acid, 
dissociation constant of, 224 
p-Methoxytriphenylmethyl chloride, 
relative rate of alcoholysis, 442 
Methyl acetate, rate of reaction with 
trimethylamine, 425 
Methylacetoacetate, tautomerism, 
293, 295 

Methylacety lem‘: 
geometry of, 106, 109, 122 
heat of hydrogenation, 275 
Methyl alcohol: 
dipole moment of, 131, 146 
relative rate of reaction with acet¬ 
aldehyde, 431 

Methylamine, dipole moment of, 146 
2 - N - Methy lamino -1,4- naphthoqui - 
none, oxidation-reduction po¬ 
tential, 316 

4-N-Methylamino-1,2-naphthoqui¬ 
none, oxidation-reduction po¬ 
tential, 316 

m-Methylbenzaldehyde cyanohydrin, 
dissociation constant of, 347 
p-Methylbenzaldehyde cyanohydrin, 
dissociation constant of, 347 
Methyl benzoate, rate of reaction 
with trimethylamine, 425 
Methyl benzoylacetate: 
keto-enol tautomerism, 293 
solvent effect on tautomerism, 297 
Methyl bromide: 
dipole moment of, 135, 146 
geometry of, 108 

Methyl-ier/-butyl ether, dipole mo¬ 
ment of, 146 

Methyl n-biityl ketone, dipole mo¬ 
ment of, 131 

Methyl chloride, dipole moment of, 
131, 135, 146 

Methyl o-chlorobenzoate, rate of re¬ 
action with trimethylamine, 
425 

Methyl cyanide, geometry of, 106 
4-Methyl-2,6-dinitroanisole, rate of 
reaction with p-dimethyl- 
aminoanisole, 426 


Methylene bromide, dipole moment 
of, 135 

Methylene chloride, dipole moment 
of, 135 

Methylene iodide, dipole moment of, 
135 

1- Methyl-l-cthylethylene, heat of 

hydrogenation, 275 
Methyl ethyl ketone: 
dipole moment of, 131 
heat of hydrogenation, 275 
rate of addition of bisulfite ion, 458 
rates of oxime and hydrazone 
formation, 458 
Methyl fluoride: 
dipole moment of, 146 
geometry of, 107 

Methyl n-hoxyl ketone, dipole mo¬ 
ment of, 131 

a-Me thy 1 hydroxy lamine, geometry 

of, 109 

Methyl iodide, dipole moment of, 
135, 146 

Methyl lactate, rate of reaction with 
trimethylamine, 425 
Methylmalonic acid, dissociation 
constants of, 224, 225 
4-Methyl-l ,2-naphthoquinonc, oxi¬ 
dation-reduction potential, 316 
Methyl o-nitrobenzoate, rate of re- 
ac ti on wi th tri methyl ami ne, 425 
Methyl p-nitrobenzoate, rate of reac¬ 
tion with trimethylamine, 425 

2- Methyl-2-nitro8opropane, dipole 

moment of, 146 

Methyl n-nonyl ketone, dipole mo¬ 
ment of, 131 

Methyl orange, change of color with 
acid, 180 

i8-Methyl-2-pentenoic acid (cts), dis¬ 
sociation constant of, 233 
jS-Methyl-2-pen tenoic acid (^rans), 
dissociation constant of, 233 
1-Methyl-9,10-phenanthraquinone, 
oxidation-reduction potential, 
317 

Methyl phthalate, rate of reaction 
with trimethylamine, 425 
Methyl tso-propyl ether, dipole mo¬ 
ment of, 146 

1-Methyl-l-iao-propylethylene, heat 
of hydrogenation, 275 
Methyl iso-propyl ketone: 
rate of addition of bisulfite ion, 458 
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Methyl iso-propyl ketone (cant.): 
rates of oxime and hydrazone 
formation of, 458 

Methyl n-propyl ketone, dipole mo¬ 
ment of, 131 

Methylsulfonacetie aeid, dissociation 
constant of, 225 

Methyl o-toluate, rate of reaction 
with trimethylamine, 425 
Methyl p-toluate, rate of reaction 
with trimethylamine, 425 
p-Methyltriphcnylmethyl chloride, 
relative rate of alcoholysis, 442 
Molar extinction coefficient, 159 
Molecular association, 384ff. 

Molecular configuration-bond angles, 
122 

Molecular orbitals, 49, 82fT. 

Molecular resonance energy, 77 
Molecular structure, 38 
Molecular wave function by the 
method of bond-orbitals, 84 
Moment of inin-tia of diatomic mole¬ 
cule, 102 

Monovalent oxygen, 332ff. 

Morse curve, 101, 382, 391 
Multiplicity, 74 

N 

Naphthacene, diradical character, 
336 

Naphthalene: 
geometry of, 107 
resonance energy, 280, 282 
spectrum, wave length 1st band, 158 
substitution reactions of, 485 
/5-Naphthol, substitution reactions 
of, 486 

/3-Naphthol-a-azobenzene, hydrogen- 
bond in, 119 

1,2-Naphthoquinone, oxidation-re¬ 
duction potential, 310, 312 

1.4- Naphthoquinone, oxidation-re¬ 

duction potential, 307, 310, 311 * 

1.4- Naphthoquinone-2-tolylsulfone, 

316 

Naphthoquinones, effect of substitu¬ 
tion on oxidation-reduction 
potential of (table), 316 
Natural width of bands, 161 
Negativity, 63 

Neopentane, geometry of, 106 
Neutrons, 26 


Nickelous ion, configuration of four 
covalent, 123 
Nitramidc: 

acid dissociation constant of, 268 
rate of base-catalyzed decomposi¬ 
tion of, 411 (table), 412 
Nitric oxide, 24 
dipole moment of, 130 
resonance in, 79 

Nitroaminodurene, dipole moment of, 
148 

p-Nitroaniline, dipole moment of, 
148, 150 

p-Nitroanisole, dipole moment of, 148 
w-Nitrobenzaldehyde cyanohydrin, 
dissociation constant, 347 
p-Nitrobenzaldehyde cyanohydrin, 
dissociation constant, 347 
Nitrobenzene, dipole moment of, 133, 
146, 148 

o-Nitrobenzoic acid, rate of esterifica¬ 
tion, 444 

o-Nitrobenzoyl chloride, rate of alco¬ 
holysis, 445 

p-Nitrobenzoyl chloride: 
relative rate of alcoholysis, 442 
relative rates of esterification, 430, 
434, 441 

2-Nitro-3-bromobenzoic acid, disso¬ 
ciation constant of, 260 
2-Nitro-5-bromobenzoic acid, disso¬ 
ciation constant of, 260 
2-Nitro-3-cldorobenzoic acid, disso¬ 
ciation constant of, 260 
2-Nitro-5-chlorobenzoic acid, disso¬ 
ciation constant of, 260 
Nitrodimethylaminodurene, dipole 
moment of, 148 

p - Nitro-p'-dimethylarainostilbene, 
spectrum of, 174 

p-Nitrodimethylaniline, dipole mo¬ 
ment of, 148 

Nitrodurene, dipole moment of, 148 
Nitrodurenol, dipole moment of, 148 
Nitroethoxydurene, dipole moment 
of, 148 . 

Nitroform, acid dissociation constant 
of, 269 
Nitrogen: 

atomic covalent radii, 112 
dipole moment of, 129 
non-equivalence of valences of, 41 
Nitrogen dioxide, 24 
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Nitrome thane: 

acid dissociation constant of, 269 
dipole moment of, 146 
geometry of, 110, 122 

1- Nitro-9,10-phenanthraquinone, oxi¬ 

dation-reduction potential, 317 
p-Nitrophenol, dipole moment of, 148 

2- Nitropropane, dipole moment of, 

146 

/3“Nitropropionic acid, dissociation 
constant of, 224 

Nitrosobenzene, dipole moment of, 
146 

Nitrosomethane, dipole moment of, 
146 

2-Nitro8opropane, dipole moment of, 
146 

p-Nitrostilbene, spectrum of, 174 
p-Nitrotriphenylmethyl chloride, 
relative rate of alcoholysis, 442 
m-Nitrotoluene, dipole moment of, 
135 

o-Nitrotoluene, dipole moment of, 135 
p-Nitrotoluene, dipole moment of, 
133, 135 

Nitrous acid, dissociation constant, 
206, 208 

Nitrous oxide, structure, 79 
4-Nitro-«pm-m-xylidine, dipole mo¬ 
ment of, 148 

Nonacosane (C 2 »H«o), geometry of, 106 
Non-orthogonality integral, ^ 
n-Nonyl alcohol, dipole moment of, 
131 

Normal modes of vibration of a mole¬ 
cule, 152 

Normalization factor, 56 
Nuclear atom, 26 

O 

n-Octyl alcohol, dipole moment of, 
131 

Olefine (sec Ethylenes ) 

Oleic acid, heat of isomerism, 340 
One-electron bond, 68f. 

Optical isomerism, 16 
of allenes, 17 
Orbital, 31 

Organic chlorides, rates of reactions 
with iodide ion, 437ff. 
Organo-raetallic compounds, reac¬ 
tions with carbonyl com¬ 
pounds, 462 

Ortho effects, in aromatic acids, 258fi. 


Oscillators; 

approximately linear, 163 
in more than one direction, 174 
Oxalate ion, catalytic decomposition 
of nitramide by, 412 
Oxalic acid, hydrogen-bond in, 117 
Oxalic acid di hydrate, geometry of, 
106, 109 

Oxidation-reduction potentials, 303ff. 
effect of ionic resonance and induc¬ 
tion on, 315 

Oximes, rates of formation of, 458, 450 
Oxygen; 

atomic covalent radii, 112 
dipole moment of, 129 
electron formula of, 24 

P 

Palladous ion, configuration of four 
covalent, 123 

p(para) Compounds {see under com- 
pounds) 

Paraldehyde, geometry of, 109 
Pauli principle, 33, 83 
applied to the H 2 molecule, 53 
Pentacene; 

di radical character of, 336 
spectrum, X let band, 158 

1.3- Pentadiene, heat of hydrogena¬ 

tion, 275 

1.4- Pentadiene, heat of hydrogena¬ 

tion, 275 

Pentaerythritol, hydrogen-bond in, 
117 

Pentaerythrityl tetracetate, geom¬ 
etry of, 106, 109 

Pentamethylaniline, dipole moment 
of, 148 

2- Pentanol, relative rate of reaction 

with acetaldehyde, 431 
Pentene-2, heat of hydrogenation, 275 

3- Pentenoic acid, dissociation con¬ 

stant of, 233 

4- Pentenoic acid, dissociation con¬ 

stant of, 233 

iso-Pentyl chloride, rate of reaction 
with iodide ion, 438 
n-Pentyl chloride, rate of reaction 
with iodide ion, 438 
Perchloric acid, dissociation constant 
of, 207 

Perturbation method, 48 
Perylene, direction of absorption 
in, 175 
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1.2 - Phenanthraquinone, oxidation - 

reduction potential, 310, 312 
. 1,4 - Phenanthraquinone, oxidation - 
reduction potential, 307, 310, 

311 

2.3 - Phenanthraquinone, oxidation - 

reduction potential, 310, 312 
9,10-Phenanthraquinone: 
effect of substitution on the oxida¬ 
tion-reduction potential, 317 
oxidation-reduction potential, 310, 

312 

9,10 - Phenanthraquinone - 1 - sul¬ 
fonic acid, oxidation-reduction 
potential, 317 
Phenanthrene: 

resonance energy, 281, 282 
spectrum, \ 1st band, 158 
Phenol: 

acid-strengthening resonance in, 
244 

catalytic decomposition of diazo¬ 
acetate ion by, 412 
dipole moment of, 146, 148 
infra-red absorption of, 120 
keto-enol tautomorism, 290 
resonance energy, 284 
Phenols, dissociation constant of 
meta-substituted, 247 
Phenoxyacetic acid: 
dissociation constant of, 224 
resonance in, 243 

Phenoxypropionic acid, dissociation 
constant of, 224 

Phenylacetate ion, catalytic decom¬ 
position of nitramide by, 412 
Phenylacetic acid: 
dissociation constant of, 224 
effect of meta substituents on dis¬ 
sociation constant of, 247 
Phenylacetylene, resonance energy, 
284 

2 - N - Phenylamino -1,4- naphtho¬ 
quinone, oxidation-reduction 
potential, 316 

Phenylboric acid, dissociation con¬ 
stant of, 243 
Phenylboric acids: 
cross-conjugation in, 243 
dissociation constant of meta-sub¬ 
stituted, 247 

dissociation constants of para- 
substituted, 253 

Phenylbromoacetic acid, dissociation 
constant of, 224 


Phenylchloroacetic acid, dissociation 
constant of, 224 

3-Phenyl-l-chloropropane, rate of re¬ 
action with iodide ion, 438 
/9-Phenylethylboric acid, dissociation 
constant of, 243 

Phenylhydroxymethylsulfonic acid, 
second dissociation constant, 
210 

2-Phenyl-l,4-naphthoquinone, oxida¬ 
tion-reduction potential, 316 
Phenylnitromethane as a pseudo¬ 
acid, 187 

iS-Phenylpropionic acid: 

dissociation constant of, 225 
effect of meta substituents on dis¬ 
sociation constant, 247 
Phenylxanthylmethyl, 320 
Phenylxenylenemethyl, 320 
Phenyl - p - xcnyl - at - naphthyl- 
methyl, 320 

Phlorglucinol, keto-enol tautom- 
erism, 292 

Phosgene, geometry of, 108, 109, 122 
Phosphoric acid, dissociation con¬ 
stants of, 208, 209, 210 
Phosphorous acid: 
dissociation constants, 210, 211, 
212f. 

tautomerism and resonance in, 214 
Phosphorus, atomic covalent radius, 
112 

Phosphorus pentabromide, configura¬ 
tion of, 123 

Phosphorus pentachloride, dipole mo¬ 
ment of, 130 

Phosphorus trichloride, dipole mo¬ 
ment of, 130 

Phthalimide, acid dissociation con¬ 
stant of, 267 
Phthalocyanine: 
geometry of, 110 
hydrogen-bond in, 117 
Physical properties, 91 
Picryl chloride, reactivity of chlorine 
in, 447 

Piperidinium ion, catalytic decompo¬ 
sition of diazoacetate ion by, 
412 

pX, 191 

Planarity as result of resonance, 79 
Planck’s constant, 28 
Platinic ion, configuration of hexa- 
covalent, 123 
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Platinous ion, configuration of tetra- 
covalent, 123 

Platinum phthalocyanine, X-ray 
analysis of structure, 93ff. 
Polar effect, 194 (see also Inductive 
effect) 

Polarity, 63 

Polarity and induction as resonance 
effects, 81 
Polarizability, 127 
effect on acid strength, 193, 196 
effect on reaction rate, 422f. 
effect on spectrum, 155 
Polarization: 

induced and permanent, 128 
of bonds in the absorption of light, 
162 

Polymerization, effect on spectra, 160 
Polyrnethylenc dibromides, dipole 
moments of, 143 
p-Poly phenyls: 
as type of oscillator, 167 
first absorption band of, 167 
Porphyrindine, para and diamagnetic 
forms, 338 

Potassium acid fluoride, hydrogen- 
bond in, 117 
Potassium ketyls: 
of benzophenone, 326 
of fluorenonc, 326 
of phenylxenylketone, 326 
Potassium xenylpinacolate, dissocia¬ 
tion, 325 

Potential energy curves for the H 2 
molecule, 53 

Preliminary reversible reactions, 396 
Primary physical properties, 91 
Principal valence, 21 
Probability correction on Bronsted's 
equation, 410 

Probability distribution of electron 
on hydrogen atom, 32 
Probability function, 31 
Probability of transition, 156 
Propane, 106 

Propionate ion, catalytic decomposi¬ 
tion of nitramide by, 412 
Propionic acid, dissociation constant 
of, 225 

Propionic acids, in Hixon-Johns plot, 

66 

fso-Propionophenone cyanohydrin, 
dissociation constant, 345 
n-Propionophenone cyanohydrin, dis¬ 
sociation constant, 345 


lao-Propylacetoacetate, tautomer- 
ism, 295 

M-Propylacetoacetate, tautomerism, 
295 

iso-propylamine, dipole moment of, 
146 

fso-Propyl alcohol: 
dipole moment of, 146 
relative rate of reaction with ace¬ 
taldehyde, 431 
n-Propyl alcohol: 

dipole moment of, 131 
relative rate of reaction with acet¬ 
aldehyde, 431 
zso-Propyl bromide: 

alkene formation and quaterniza- 
tion reactions with pyridine, 
432 

dipole moment of, 146 
?i-Propyl bromide, alkene formation 
and quaternization reactions 
with pyridine, 432 
iso-Propyl chloride: 
dipole moment of, 146 
rate of reac^tion with iodide ion, 438 
7i-Propyl chloride, dipole moment of, 
131 

Propylene-1: 

heat of hydrogenation, 275 
relative rate of addition of bromine, 
452 

7So-Propylethylene, heat of hydro¬ 
genation, 275 

zso-Propyl iodide, dipole moment of, 
146 

Pseudo-acid, 187 
Pseudo-base, 187 
Pseudoisocyanine: 
spectrum of, 172 
X, y, and z bands in, ]75ff. 
Pseudouni molecular reaction, 353 
Puckered rings, 20 

Pyrazine, geometry of, 107, 109, 110 
Pyrene, spectrum X 1st band, 158 
Pyridine: 

geometry of, 107, 109 
resonance energy, 282 
Pyrocatechol, hydrogen-bond in, 117 
Pyrophosphoric acid, dissociation 
constants of, 207ff. 

Pyrrole: 

acid dissociation constant of, 266 
geometry of, 106, 108, 109, 110 
infra-red absorption of, 120 
resonance energy, 282 
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Q 

Quantization of angular inoinontuin, 
28 

Quantum mechanics of resonance, 81 
Quantum numbers for orbital elec¬ 
trons, 34 

Quinoline, resonance energy, 282 
Quinone (see />-Benzoquinone) 
p-Quinoiiecliimine, 329 
Quinones, oxidation-reduction po¬ 
tentials of, 304fT., 307, 310, 
311ff., 316, 317 

R 


Radicals, structural, 10 
Radioactive halide ions in Walden 
invtu’sion, 396 

Radius of hydrogen atom, 32 
Raman specdra, 151 
Rate constant, 353 
Rate-determining step, 362 
Rate function, 353 
Rate laws, 353 
Rate of reaction: 

as function of concentration, 352ff. 
effect of pressure, 375 
temperature coefficient of, 367fT. 
temperature coefficnent of complex 
reactions, 375f. 

Rayleigh scattering, 151 
Reacting molecuhis, potential energy 
of, 378ff. 

Reaction rate (see Rate of reaction) 
Reactions: 

mechanisms of, 394fT. (see also 
Mechanisms of n'actions) 
“slow’' and “fast”, 407f. 
Reactivity of a position, 436fT., 463ff. 
Refractive index, electronic polariza¬ 
tion from, 128 
Resonance, 57f., 70fT. 

as an extension of the Lewis theory, 
73 

as a result of the methods of ap¬ 
proximation, 85 

as a theorem in quantum mechan¬ 
ics, 81fF. 

in acetone from dipole moments, 144 
in carbon monoxide from dipole 
moment, 145 

in complex aromatic ring systems, 
306ff. 

in conjugated systems of multiple 
bonds, 78 

in relation to mesomerism, 72 


in transition state, 378f., 439 
polar forms as extremes of elec¬ 
tronic oscillation, J62fT. 
steric hindrance of, 148 
Resonance effects: 

in free radical formation, 322fT. 
on acid strength, 193, 191f., 212, 
219f., 229ff., 235ff., 24211., 25()ff., 
267ff. 

on bond distance, 113 
on dipole moment, 144ff. 
on directing influence of groups in 
benzene, 475ff. 
on heat of formation, 272ff. 
on oxidation-reduction potentials, 
305 

on reaction rate, 434ff. 
of 7 >- 8 ub 8 tituents on reaction rate, 
440 

Resonance energy, 58, 280fT. 
effect of solvation on, 197 
from the solution of the scuudar 
equation, 86 

on the basis of Lc'wis theory, 75 
Resonance: 

effect of ionic, on heat of formation, 
272 (lable) 

in formic and acetic acids, 232 
“no bond,” 80, 116 
Resonance states, restriction on 
geometry of, 87 
/8-Resorcinol, geometry of, 107 
Resorcinol dimethyl ether, ctmfigura- 
tion and dipole moment in, 143 
Restricted rotation about a single 
bond, 125 

Reversible reaction, rate law, 354 
Rho (p) values, 420 
Ring strain, 278f. 

Rotation about a single bond: 
and dipole moment, 139 
isomerism due to, 63 
Rotational quantum number, 100 
Rotation of plane of polarized light, 
16 

Rotation band, 104 
Rotation frequencies, 104 
Rotation spectrum, 104 
Rubrene, diradical character of, 337 
Rule of eight, 28, 39 
Rule of Hund, 37 
Rule of two, 37, 39 
Rules for stereoisomerism: 
of carbon compounds, 18 
of nitrogen compounds, 18 
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Salicylaldehydc, hydrogen-bond in, 
119 

Salicylanil, hydrogen-bond in, 119 
Salicylate ion, catalytic decomposi¬ 
tion of nitramide by, 412 
Salicylic acid, dissociation constant 
of, 261 

Salt effect, in three-center reactions, 
397 

Schlenk hydrocarbon, diradical char¬ 
acter, 339 

Schrodinger equation, 29, 47, 82 
Scattering of X-rays by atoms, 93 
Scattering power of atoms for elec¬ 
trons, 94, 96 

sec (secondary) Compounds (see 

under compounds) 

Secondary physical properties, 91 
Secular equation, 82 
for benzene, 88 

Selenious acid, dissociation con¬ 
stants of, 208, 209 

Selenium, atomic covalent radius, 112 
Semi carbaz ones: 

mechanism of formation of, 461f. 
rates of formation and hydrolysis 
of, 469ff. 

Semipolar double bond, 44 
Semiquinones, 329ff. 

Shared-electron bond, 38 
Sigma (a) values: 
for groups {table) j 417 
significance of, 419 
Silicon, atomic covalent radius, 112 
Simultaneous reactions, 356 
Sodium acid fluoride, hydrogen-bond 
in, 117 

Sodium bicarbonate, hydrogen-bond 
in, 117 

Sodium ketyl of benzophenone, 325 
Sodium 1,2-naphthoquinone-4-sulfo- 
nate, 316 

Sodium 1,4-naphthoqui none-2-8ul- 

fonate, 316 

Solvation, effect on spectra, 160 
Solvent effect: 
on acid strength, 196 
on width of spectra lines, 161 
Spectra, 169 

Spectroscopic method, 97ff. 

Spin quantum number, 32 
Steady state, 360 ff. 

Stearic acid, geometry of, 106 


Stereochemistry of addition reac¬ 
tions, 454f. 

Stereoisomerism, 16 
of o-substituted xenyls, 19 
Steric effects: 
in cyclic compounds, 447f. 
on esterification of aliphatic acids, 
446 

on reaction rates, 443 
Steric factor, in slow reactions, 407 
Steric hindrance, 62 . 

effect on acid strength, 195 
S til be no: 

geometry of, 106, 107, 108 
heat of isomerism, 340 
resonance energy, 284 
resonance from bond distance, 114 
spectra of cis and trans, 170 
spectrum of, 161, 174 
Stilbenequinone, oxidation-reduction 
potential, 307 

Stretching force constants (table), 154 
vStructural analogy, 10 
Structural chemistry, development 
of, Iff. 

Structural formulas, 4 
Structural iteration, 12 
Structure: 

analytic and synthetic determina¬ 
tion of, 8 
persistence of, 6 
Styrene: 

dipole moment of, 147 
heat of hydrogenation, 275 
macropolymerization of, 450f. 
resonance energy, 284 
Substrate, reaction with either acid 
or base, 401 

Successive reactions, 357ff. 

Succinate ion, catalytic decomposi¬ 
tion of nitramide by, 412 
Succinic acids: 

anomalous strength of substituted, 
227 

dissociation constants of, 224, 225 
geometry of, 106, 109 
Sulfonacetic acids, anomalous 
strength of, 230 

Sulfonphthaleins, change of color 
with acid, 180 

Sulfoxyacetic acids, anomalous 
strength of, 230 

Sulfur, atomic covalent radius, 112 
Sulfur hexafluoride, dipole moment 
of, 130 
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Sulfuric acid, dissociation constants 
of, 206, 207 

-Sulfurous acid, dissociation constants 
of, 207, 209 

Sulfur trioxide: 
acid catalysis by, 421 
acidity of, 269 

Surfaces of maximum electron prob¬ 
ability, 33 

Sutton rule, 473 

T 

Tartrate ion, catalytic decomposi¬ 
tion of nitramide by, 412 

rac-Tartaric acid, dissociation con¬ 
stant of, 224 

Tautomeric effect, on reaction rate, 
428ff. 

Tautomeric equilibrium: 
bond energies in, 289 
constants of, 295, 297, 299 
effect of solvent on, 296f- 

Tautomerism, 14, 281ff. 
aldimine-enaminc, 288, 297 
amide-imidol, 288 
and mesomerism, 70 
diazohydro xy-nitrosoamine, 288 
effect on acid strength, 198 
hydrazone-azo, 288, 299ff. 
imaginary, effect on acid strength, 
200 

keto-enol, 288, 289ff. 
quantitative estimation of enol 
form, 290 

of phthaloyl chloride, 286 
of three-carbon systems, 298 
oxime-nitroso, 288, 289 
ring-chain, 286 
three-atom, 287ff. 

Telluric acid: 

dissociation constant, 206, 208 
solvation of, 201, 206 

Tellurium, atomic covalent radius, 
112 

Tellurous acid, dissociation con¬ 
stants, 208, 210 

(tertiary) Compounds (see under 
compounds) 

Tetra-p-anisylhydrazine, dissocia¬ 
tion, 326 

2,6,2',6'-Tetrachloro derivative of 
Tschitschibabin hydrocarbon, 
339 

Tetrachloroethylene, geometry of, 
107, 108 


Tetra - p - dimethylami nophenyl' 
hydrazine, dissociation, 326 
Tetrahedral carbon atom, 60 
N - N' - Tetramethyldiaminodurene, 
332 

Tetramethylethylene: 
geometry of, 106 
heat of hydrogenation, 275 
Tetramethylglucose, mutarotation 
of, 403 

N - N' - Tetramethyl - p - jxhenyl- 
enedi amine: 

rate of reaction with 2,4,6-trini- 
troanisole, 426 
semiquinone of, 332 
2,3,5,6 - Tetramethyl - p - phenyl- 
enediamine, 332 

Tetra-p-nitrophenylhydrazine, dis¬ 
sociation, 326f. 

Tetraphenylhydrazine, dissociation, 
326 

Tetraphenyl-p-xylylidene, diradical 
character of, 334ff. 

Tetravalent nitrogen, 326ff. 
Tetra-p-xenylethane, 321 
Tetrazole, acid dissociation constant 
of, 267 

Thermodynamic equilibrium con¬ 
stant, 184 

ot-Thiolbutyric acid, dissociation con¬ 
stant of, 224 

Thionine, semiquinone of, 330 
Thiophene: 

geometry of, 106, 108, 109, 110, 122 
resonance energy, 282 
Thiophenol, dissociation constant of 
meta substituted, 247 
Thiophosgene, geometry of, 108, 110, 
122 

Thiourea, geometry of, 110 
Three-center reactions, 378ff., 393ff. 
effect of strength of an acidic or 
basic prpduct, 423ff. 
effect of strength of reacting acid 
or base, 408ff. 

energy contour map of, 382ff. 
of acids without hydrogen atoms, 
420 

of charged and neutral bases, 421 
quantum mechanics of, 387ff. 
secular equation of, 388f. 
Three-electron bond, 58 
TigUc acid, heat of isomerism, 340 
Tin: 

atomic covalent radius, 112 
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Tin {cont.): 

tetrachloride, 130 
Tolan, geometry of, 107, 109 
Toluene, dipole moment of, 133, 146, 
148 

o-Toluic acid, rate of esterification, 
444 

m-, 0-, and p-l'oluidine: 

catalytic decomposition of nitram- 
iclo by, 412 

dipole moment of, 148 
p-Toluyl chloride, relative rate of 
alcoholysis, 442 
Total quantum number, n, 30 
Transitions in diatomic molecules, 
103 

Transition state, 376ff. 
diffuse, 428 
entropy of, 377 
eciuilibrium constant of, 377 
free energy of, 377 
heat of formation of, 377 
potential energy of, 378ff. 
resonance in, 435ff. 

Triad resonance, 78 
Triad resonating structure, effect on 
acid strength, 194 

Trialkylsulfonium hydroxides, rela¬ 
tive rates of decomposition, 431 
Tri-o-anisylmethyl, 320 
Tribromoethylene, geometry of, 108 
Trichloroacetic acid, dissociation 
constant of, 224 

Trichloroethylene, geometry of, 107, 
108 

/3-Trichlorolactic acid, dissociation 
constant of, 224 

Trichlorophenol, infra-red absorption 
of, 120 

Triiodide ion, 386 

Trimethylacetic acid, dissociation 
constant of, 225 
Trimethylamine oxide, 21 
Tri methyl amine: 
dipole moment of, 136, 146 
rate constants of reactions with 
methyl esters, 425 

Trimethylethoxyaramonium methyl¬ 
ate isomerism, 41 

Trimethylhydroxyammonium ion, 
acidic dissociation constant of, 
208 

Trimethylmethoxyammonium ethyl¬ 
ate isomerism, 41 

2,4,4-Trimethylpentene-l, heat of 
hydrogenation, 275 


2,4,6-Trinitroani8ole: 

rate of reaction with p-dimethyl- 
aminoanisole, 426 
reaction with ethylate ion, 482 
Trinitrobenzene: 
acidity of, 269 
reaction with bases, 447 
Trinitrotriphenylm(;thane, acid dis¬ 
sociation constant of, 269 
IVioxymethylenc, geometry of, 109 
Triphenylamine: 

dipole moment of, 136 
resonance and configuration of, 136 
Tri phenyl arsine, dipole moment of, 
136 

Triphenyl bismuthinc, dipole mo¬ 
ment of, 136 

Triphenylmethyl, 24, 320 
lowering of the energy due to isom¬ 
erism in, 7l 

Triphenylmethyl chloride: 

effect of dissociation on spectrum 
of, 160 

rate of reaction with iodide ion, 438 
relative rates of alcoholyses of p~ 
substituted derivatives, 442 
Triphenylphosphine, dipole moment 
of, 136 

Tri phenyls tibine, dipole moment of, 
136 

Tris-(p-nitrophenyl)methyl, 324 
Tri8-(p-^so-propylphenyl)inethyl, 320 
Tri-thioformaldehyde, geometry of, 
110 

Trivalent carbon, 319 
Tri-w-xenylmethyl, 320 
Tschitschibabin, hydrocarbon, 333 

U 

Uncertainty principle, relationship 
to width of bands, 161 
Unimolecular reactions, 369ff. 
collision number in, 370 
effect of low pressure, 371 
rate law, 353 
Urea: 

geometry of, 109, 110 
hydrogen-bond in, 117 
resonance from bond distance, 116 
resonance energy, 282 

V 

Valence, 1 
constancy of, 20 
rules, 4 

Valence states, 86 

Valence vibrational frequency, 152 
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Vaii’t HolT intermediate, 362 
\'ariational method, 48ff. 

Vibrational energy levels of diatomic 
molecule, 101 

Vibrational quantum number, 100 
Vibration-rotation band, 105 
Vinyl acetate, heat of hydrogenation, 
275 

Vinylacetic acid, dissociation con¬ 
stant of, 224, 233 

Vinyl alcohol, resonance energy, 289 
Vinyl bromide: 
dipole moment of, 146 
geometry of, 108 
Vinyl chloride: 
dipole moment of, 146 
geometry of, 108 

Vinylhydroxyacetic acid, dissociation 
constant of, 224 

Vinyl iodide, dipole moment of, 146 
Vinylogy, 12 

/3-Vinylpropionic acid, dissociation 
constant of, 225 

W 

Walden inversion, 395ff. 

Water: 

bridging by, in proton transfers, 216 
catalytic decomposition of diazo¬ 
acetate ion by, 412 
dipole moment of, 130 
geometry of, 122 


Water acids in Hixon-Johns plot, 66 
Wave equation, methods of approxi¬ 
mation for solution of, 47(1. 
Wave function, 30 
Wave length: 

of first band of diphenylpolyenea 
165 

of moving particle, 29 
Wave mechanical atom, 29 

X 

X-ray diffraction, 92ff. 

X-ray spectra, 26 

w-Xylene, dipole moment of, 135 

o-Xyleno: 

dipole moment of, 135 
heat of hydrogenation, 275 
lack of isomerism in, 70 
p-Xylene: 

dipole moment of, 135 
geometry of, 106, 107 

Y 

Yields of products formed by com¬ 
peting reactions, 356 

Z 

Zero point energy, 102 

Zinc chloride, acid c.atalysis by, 421 

Zwitter ions, 43 
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